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Abstract
The electrocatalytic conversion of water to 02 is the key efficiency-determining reaction
for the storage of electrical energy in the form of liquid fuels. In this thesis, the simple
preparation of a cobalt-based catalyst for the oxygen evolution reaction (OER) is described and
details of its structure, valency, mechanism of action, and mechanism of formation at
intermediate pH are elaborated.
The catalyst is obtained as an electronically conductive, porous thin film by electrolysis
of Co2 in aqueous phosphate, methylphosphonate, or borate electrolyte. Catalyst films prepared
from phosphate are comprised of Co oxo/hydroxo clusters of molecular dimensions, as
determined by X-ray absorption spectroscopy. The clusters consist of edge-sharing CoO6
octahedra arranged in a sheet-like pattern. The average cluster nuclearity increases as the film
thickness increases. X-ray absorption near edge structure (XANES) spectra, EPR spectra, and
electrochemical data support a catalyst film consisting predominately of Co(III) in the absence of
an applied bias with minor populations of Co(II) and Co(IV) centers. As the film is polarized in
the region of water oxidation, the population of Co(IV) centers increases systematically.
The mechanism of the OER mediated by the catalyst was studied at neutral pH by
electrokinetic and 180 isotope experiments. The catalyst exhibits an OER Tafel slope
approximately equal to 2.3 x RT/F, an inverse first order dependence on proton activity, and a
zeroth order dependence on phosphate for buffer strengths > 0.03 M. In the absence of
phosphate, the Tafel slope increases ~3 fold and the overall activity is greatly diminished. These
data point to an OER mechanism involving a rapid, one electron, one proton, equilibrium
between Co"'-OH and CoWv-O in which a phosphate species is the proton acceptor, followed by
a chemical turnover-limiting process involving oxygen-oxygen bond coupling.
The mechanisms of nucleation, steady-state growth, and repair of the catalyst were
studied at intermediate pH by electrokinetic, AFM and NMR methods. Catalyst nucleation is
progressive with a non-zero-order nucleation rate law. Steady-state growth exhibits a Tafel slope
approximately equal to 2.3 x RT/F, an inverse third order dependence on proton activity, and an
inverse first order dependence on buffer strength. Together, the electrokinetic studies point to a
mechanism involving a rapid one-electron, three-proton equilibrium oxidation of Co2+ coupled to
phosphate dissociation from the catalyst surface, which is followed by a chemical rate-limiting
process involving Co binding to the growing clusters. Consistent with the disparate pH profiles
for the OER and catalyst formation, functional stability and repair are operative at pH > 6
whereas catalyst corrosion prevails at lower pH.
Thesis Supervisor: Daniel G. Nocera
Title: Henry Dreyfus Professor of Energy and Professor of Chemistry
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1.1 The Need for Solar Energy Utilization
The energy appetite of our global society is enormous. Worldwide primary energy
consumption in 2007 was 483.6 Quad BTU (458 x 1018 joules), which is an average energy
consumption rate of 16.2 terrawatts.1 Global energy need will roughly double by mid-century
and triple by 2100.2-4 Much of this demand is driven by a growing world population, which is
projected to increase from 6.2 billion in 2001 to approximately 9.4 billion by 2050.5 In addition
to these 3 billion new inhabitants of the planet, 3 billion people in the non-legacy world seek a
rising standard of living. Geopolitical, environmental, and economic security will likely only be
realized by meeting the energy demand of these 6 billion additional energy users by supplying a
sustainable and carbon-neutral energy source, and within the next 10 - 20 years. To do so will
require invention, development, and deployment of carbon-neutral energy on a scale
commensurate with, or larger than, the entire present-day energy supply from all sources
combined.
To deliver an additional 16 TW to our world by 2050 is not a simple task. As has now
been documented extensively in the literature, most energy sources are insufficient to keep pace
with the growing global energy appetite. 2,4- 7 Biomass is a limited energy supply owing to the low
energy efficiency of photosynthesis.8 Nuclear energy requires a large number of sites that will be
difficult to build fast enough to keep up with energy demand. 6 Moreover, a heavy nuclear-based
energy supply will not occur without widespread public acceptance, 9 and the energy density of
wind is simply too low.6'7 Whereas the fossil energy resource base is sufficient to satiate the
future energy appetitive, atmospheric CO2 concentration will likely triple if the increased energy
need in this century is met with coal, oil and gas.' 0 While the consequences of this increase in
greenhouse gases cannot precisely be predicted, there is little doubt that large ecosystems are
being perturbed on an unprecedented scale. It is therefore imperative that the global community
moves as quickly as possible to carbon-neutral energy sources.
Sunlight is the preeminent carbon-neutral energy source for the future. The terrestrial
solar insolation resource base exceeds that of all other renewable energy sources combined," and
it additionally far exceeds what is necessary to support even the most technologically advanced
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society. The ability of solar to meet the global energy demand of the future is well
documented. 2 ""'2
1.2 Solar Energy Storage by Water Splitting
A major challenge confronting the deployment of solar energy on a large scale is its
storage. Owing to the diurnal variation in local insolation, widespread utilization of solar energy
is impeded unless efficient and cost-effective methods for its storage in the form of chemical
fuels can be realized.' 3 "4 One of the most practical solar energy storage schemes involves the
conversion of water to H2 and 02.13,15-18 This fundamental transformation has the potential to
permit solar energy to be implemented on a global scale.'
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Nature executes solar to fuels conversion on a massive scale in green plants and
microorganisms through the process of photosynthesis.19 The primary light absorption events
occur in Photosystems I and II. The photogenerated electrons are channeled to the
ferredoxin:NADP+ oxidoreductase to generate H2 equivalents in the form of NADPH, whereas
the photogenerated holes are delivered to the oxygen-evolving complex of Photosystem II to
oxidize water to 02. Nature utilizes the reducing equivalents in NADPH to fix CO 2 in the form of
carbohydrates. The CO2 fixation steps of the Calvin cycle, however, entail negligible energy
storage.' 3 The reversible potential for the water splitting reaction is,
H20-> H2+102 Vrev = 1.23 V (1)
whereas the reversible potential for production of carbohydrate from water and CO2 is
CO 2 + H2 0 C6H1 2 0 6 + 02 Vrev = 1.24 V (2)
Note, water splitting is subsumed by reaction (2). On an electron equivalency basis, therefore,
the production of the carbohydrate stores only 0.01 eV more energy than water splitting. Thus,
the solar energy storage in photosynthesis is achieved by water splitting; the carbohydrate is
nature's method of storing the hydrogen released from the water splitting reaction.
The maximum energy storage efficiency for the primary water splitting reaction of
photosynthesis is estimated to be 10.5%.20 However, photosynthetic organisms utilize a great
deal of this energy to sustain life processes and thus only 1% of the incident solar energy is
stored in the form of fuels in plant biomass.2 1 This low efficiency is nonetheless sufficient to
sustain life on earth. Irrespective of what reduced fuel product results from photosynthesis, the
terminal reductant is always water, and therefore the counterbalancing half reaction is the oxygen
evolution reaction (OER) from water. Water splitting in Nature is initiated by the oxygen-
evolving complex of Photosystem II, a tetramanganese oxide cluster. 22-27 It is notable that
Nature's choice of catalyst for this reaction is effectively a molecular analog of numerous
extended solid metal oxides, the materials most adept at executing the OER in artificial systems
(vide infra).
An approach to promoting photosynthesis in an artificial way is to substitute Nature's
light absorption and charge separation machinery with a semiconductor and the enzyme-
encapsulated catalysts with synthetic catalysts capable of executing the water-splitting half
reactions. In the indirect configuration, a photovoltaic (PV) device stores collected light and
converts it to an electrical current that can be used to drive an electrolyzer. Using commercially
available technologies, a PV device + electrolyzer system can be used to generate hydrogen from
solar power at efficiencies exceeding 20%15'16 but the high costs of both the electrolyzer and PV
device prohibit widespread implementation of such a system.2 8 Thus, the technological challenge
of providing low cost PVs and electrolyzers presents new basis science challenges as well. In
particular, inexpensive and highly manufacturable catalysts capable of mediating the demanding
oxygen and hydrogen evolution reactions at low balance of systems costs must be
developed.14, 8 ,29 An alternative to the PV device + electrolyzer configuration for water splitting
is a direct solar-to-water splitting conversion where light induced charge separation from a
semiconducting material is harnessed directly by the water splitting catalysts - here the catalysts
are integrated with the semiconducting material in a single device, termed a
photoelectrochemical cell, PEC. Though a reliable cost analysis of direct versus indirect water
splitting is yet to be provided, PEC has the promise of cost reduction with the elimination of the
wiring and associated packaging of photovoltaic panels. While many PEC device configurations
have been proposed and demonstrated,15,3-33 in all cases one or more semiconductor electrodes
is exposed to an electrolyte solution such that the photogenerated carriers (electrons or holes) can
be diverted directly to the semiconductor electrolyte interface to execute the water oxidation or
proton reduction half reactions. Since the magnitude of the potential generated in a
photoelectrochemical cell depends critically on the nature of semiconductor/solution interface
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and the kinetics of the water splitting half reactions, an appropriate catalyst,30 which is not
always the most efficient catalyst in an electrolyzer configuration, must be chosen and deposited
in a conformal fashion onto the semiconductor photoelectrode.31 , 34 - 36 In addition, the
semiconducting material must be compatible with the highly oxidizing conditions of water
splitting. If it is not, a protective barrier layer is needed between the semiconductor and the
catalyst that still permits facile charge transport. These conditions present additional basic
science challenges for the design of OER and hydrogen evolution reaction (HER) catalysts,
which are compatible with the desired photoanode or photocathode, respectively, and that can be
deposited in a conformal fashion, preferably by electrodeposition.
Regardless of whether water splitting is carried out directly by a PEC or indirectly within
an electrolyzer, the efficiency of the OER catalyst is a key determinant of the overall efficiency
of energy storage. The water splitting reaction can be described by the following electrochemical
equilibria,
02 + 4e~ + 4H+ 2H2 0 Eanodic = 1.23 V - 0.059(pH)V (NHE) (3)
4e~ + 4H+ 2H2  Ecathodic = 0 V - 0.059(pH)V (NHE) (4)
Combining eqs 3 and 4 accounts for the 237.2 kJ mol-1 stored in water splitting (at 25' C and 1
atm) of eq 1. The thermodynamic voltage, Vrev, in eq 1 defines the energy content of the fuel
produced from water splitting, and any excess applied voltage is lost as heat. However, due to
the kinetic complexity of the water splitting half reactions, application of a substantially higher
voltage is necessary for eq 1 to proceed at a practical rate. This operational voltage, Vop, is given
by,
Vop = Vrev +7a + 17c I+ 7n (5)
where iln represents the voltage required to surmount resistance losses in the device (e.g. solution
resistance and contact resistance of the catalyst with the electrode), and qa and ye represent the
overpotentials required to overcome the kinetic barriers inherent to the OER (eq 3) and HER (eq
4) respectively. To do so, proton transfer must be coupled to electron transfer to avoid highly
charged intermediates and their associated kinetic penalties. -40 To the extent that the magnitude
of these overpotentials can be reduced by catalysts, the operational voltage will approach the
reversible potential for water splitting and the efficiency of the overall process will be improved.
Thus, the central challenge for chemistry is to develop improved OER and HER catalysts such
that 1/a and Ir/, are minimized.
The anodic and cathodic overpotentials arise from the intrinsic activation barrier for the
electrochemical half-reaction occurring at the electrode-solution interface (activation
overpotential) in addition to limitations on the mass transport of reactant or products to or from
the electrode. Whereas the impact of mass-transport limitations can be minimized through
judicious cell design, the activation overpotentials are intrinsic properties of the catalysts utilized
in the anode and cathode. The required overpotential is a function of the desired rate of the
electrochemical reaction. The electrochemical reaction rate is commonly measured as a current
density (i), which represents the charge passed per second per cm2 of electrode surface area
(A/cm2). The overpotential is logarithmically related to the current density (i) as given by the
Tafel law:4 1,42
r7 = a+ b log(i) (6)
in which parameters a and b relate to the activity of the electrode and the mechanism of the
electrode reaction respectively. The factors that determine b are discussed in detail in Section
1.5. Extrapolating this linear relationship to r = 0 yields the exchange current density (io), which
characterizes the intrinsic activity of the electrode under equilibrium conditions. 43 While io is a
useful metric for comparing different catalysts, an electrode material must possess a high io in
addition to a low Tafel slope (b) in order to be useful at the operational current densities required
for a given energy storage application. Importantly, the logarithmic relationship between current
density (catalyst activity) and overpotential means that quantization of one parameter without the
other is of little value in evaluating a catalyst's performance. Accordingly, the ideal method of
reporting catalytic activity is via a plot of steady state current densities at a variety of
overpotentials (Tafel plot).43
Virtually any current can be obtained with any catalyst material if a sufficiently large
electrode is used. For this reason, it is common practice to divide the measured current by the
geometric surface area of the electrode to calculate the current density. Even with this
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normalization, the performance of an electrode will depend greatly on the 3-D nature (e.g.,
surface roughness) of the substrate or catalyst employed. Indeed, the preparation of high surface
area substrates or catalysts is a common method of enhancing performance. While this issue
complicates accurate comparisons of catalytic efficiency, the current density normalized to
geometric surface area provides the metric of greatest relevance to electrode performance.
Whereas the efficiency considerations discussed above provide the primary motivation
for developing new catalysts, they are not the sole figure of merit for solar fuels production. An
ideal solar fuels catalyst should possess a number of other qualities including: (i) The ability to
operate at high current densities at modest overpotentials over a wide range of pH values and
electrolyte compositions; (ii) stability on the times scale of years to decades; (iii) a composition
consisting entirely of earth-abundant materials; and (iv) a low-cost method of preparation and
manufacturing. In practice, a single catalyst may never exhibit the best figure of merit in each of
these categories and therefore the development of future solar fuels technologies will rely on
choosing the right catalyst material for the particular application. In some cases, (e.g. highly
distributed for non-legacy societies) cost may trump efficiency as the crucial determinant.
Therefore, it is the task of basic research to develop a wide of array of catalysts with diverse
properties that will enable the development of next generation energy storage systems.
1.3 The Oxygen Evolution Reaction
Among the two half reactions of water electrolysis, the OER is the most demanding.
44
'
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The OER involves the formation of a 0-0 double bond from two water molecules with the
concomitant release of four protons and four electrons. The four protons and four electrons are
then combined in the overall two-electron, two-proton process of the hydrogen evolution
reaction (HER). Since it is generally accepted that electron transfers at the interface occur one
electron at a time, the OER is more kinetically demanding inasmuch as four (versus two of HER)
charge equivalents must be stored and cumulatively discharged towards a productive 0-0 bond-
forming reaction. For these reasons, the OER is viewed by consensus to be the key to water
splitting.46'4 7 In view of the criticality of the OER to water splitting, this thesis focuses on the
chemical principles that underlie efficient electrocatalysis to promote the OER. Along these
lines, since most organic functionalities are susceptible to oxidative degradation at potentials
well shy of even the thermodynamic potential for water oxidation, there is a limited set of
materials that can exhibit sustained catalytic activity over the many year life span of a
technologically viable device. This stringent requirement virtually mandates that catalysis take
place on oxide-based electrodes. Indeed, a number of conductive metal oxides have been studied
extensively for the water oxidation reaction but many of the underlying mechanistic details and
design principles required for efficient electrocatalysis remain elusive.3 ,48,49Accordingly, a
focus of the following sections is to briefly review the OER mediated by metal oxide based
anodes. Due to the breadth of studies on oxide based water splitting catalysts, the following
section does not strive to comprehensively review the vast oxide literature but rather seeks to use
selected illustrative examples to highlight general principles and concepts that underpin the OER
of water splitting.
1.4 Extended Solid-State OER Catalysts
The promotion of the OER by transition metal dioxides, spinels and perovskites has been
studied extensively at the pH extremes.48- 52 Metal electrodes have also been examined although
it is now generally believed that surface oxides form on these metals prior to oxygen
evolution. 53-s The mechanism of the OER is very sensitive to oxide surface structure and
therefore compositionally identically oxides may give rise to disparate electrokinetic profiles,
depending on the thickness and morphology of the oxide layer and its method of preparation.
Despite this, a generalized pathway for the OER on oxides proposes water coordination to a
surface active site, with concomitant proton transfer to solvent and electron transfer to the
electrode to form a surface M-OH species,4 9
M+H 2 0 M-OH +e-+ H+ (7)
A M-O species is presumed to form either via proton-coupled oxidation of the active site or
disproportionation of two MOH species,
M-H M-0 + e-+ H+ (8)
2M-OH M-0 + M + H2 0 (9)
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The M-0 species is proposed to decompose bimolecularly or is subject to attack by water (or
hydroxide) to liberate 02,
2M-0 # 2M +0 2  (10)
2M-0 + H2 0 "M+02+ 2e- + 2H+ (11)
Drawing on the rapid improvement of computational power in recent years, ab initio
methods have been applied to compute M-OHx interaction energies on metal surfaces.56 These
studies conclude that oxygen evolution is only favored at high coverages of OHx species,
consistent with the experimental observation that surface oxide formation precedes 02 evolution.
While eqs (7) - (11) provides a framework for the OER on metal oxides, numerous alternative
pathways have been proposed for specific classes of materials. And as is typical of solid state
catalysis, the detailed mechanism for the reaction is ill-defined, thus hindering a rational
approach to developing better catalysts.
Despite this lack of mechanistic insight and consensus regarding the precise pathway
operative for the OER, all proposals for the reaction invoke one or more M-OHx intermediates.
Accordingly, the M-O bond strength may be expected to correlate with the metal oxide's
electrocatalytic activity for the OER. Indeed, Bockris has shown that a strong correlation does
exist in the case of first row transition metal perovskites.s57 , When the activity of a given
perovskite is plotted versus the standard enthalpy of formation of the corresponding M(OH)3
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Figure 1.1. Steady state OER current density, based on real surface area, at 0.3 V overpotential for Cr (*), Mn
(A), Fe (*), Co (e), and Ni (m) perovskites versus the corresponding enthalpy of formation for M(OH)3.
Adapted from ref. 58.
compound, a linear relationship is observed (Figure 1.1). Late transition metals (e.g. Ni and Co),
which exhibit low enthalpies of formation for M(OH) 3, exhibit several orders of magnitude
greater activity at the same overpotential relative to early metals (e.g. Cr) which exhibit high
enthalpies of formation for M(OH)3. This trend is rationalized by assuming that the enthalpy of
formation of M(OH)3 is directly proportional to the M-O bond strength of the catalytic
intermediate participating in the rate limiting step. The observed inverse relationship between
enthalpy of formation of M(OH)3 and activity argues for a rate limiting step involving M-O
bond cleavage. Notably, this linear free energy relationship does not exhibit a peak common to
the volcano plot relationship observed for hydrogen production on metals59 and for this reason,
the ideal M-O bond strength remains uncertain and oxides (particularly mixed metal oxides)
possessing even weaker M-O bonds may exhibit higher activities.
Whereas M-O bond strength appears to correlate well with activity for the first-row
transition metal perovskites, alternative free-energy correlations for the OER have been proposed
for oxides based on other physical properties such as the heat of transition between the lower and
higher valent oxide (e.g. C030 4 to C020 3) (Figure 1.2)60 or potential matching between the
02/1120 couple and redox transitions in the oxide.61 Computational studies 62 of adsorbate
interactions on the 110 faces of IrO2, RuO2, and TiO2 crystals provide evidence in favor the
volcano type relationships such as those shown in Figure 1.2.60 However, a consensus on
predictive parameters of OER activity has not been reached owing to a paucity of reliable
catalyst performance data that rigorously accounts for surface area, surface defect, bulk defect
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Figure 1.2. Volcano plot showing activity for 02 production on metal-oxide surfaces versus the enthalpy of
transition from the lower to higher valent oxide in acidic (0) and basic (0) solution. Overpotential measured
relative to 0.1 mA/cm 2 current density. Adapted from ref 60.
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and conductivity effects.
The OER does not take place on a bare metal surface and, therefore, the conductivity of
the material becomes a key additional consideration. The high number of defects in most oxides
together with the high cation valency induced upon positive potential bias makes the ohmic
penalties rather small.5 2 Non-ohmic barriers to electron transfer through oxide films have been
shown to complicate the interpretation of the electrode kinetics. 63-65 Another key issue is the
resistivity of the contact between the active oxide and the support, which has been shown to be
particularly high in the case of certain TiO2-MOx anodes.52 In cases where high conductivity is
expected, a highly porous electrode exhibits greatly enhanced activity per geometric area relative
to a smooth surface. One approach to preparing high surface area oxides is the in-situ generation
of the oxide layer by anodization of a high surface area metallic substrate. Ni oxides have shown
modest activity for the OER in alkaline media and accordingly anodization of a Raney Ni
substrate produces a highly active NiOx anode. 66 Whereas preparation of a porous metal pre-
catalyst is one route to produce a porous active anode, an alternative route involves
electrodeposition of a highly porous hydrous oxide from solution based precursors. 67-69 Most
often, these hydrous oxides exhibit much higher activity per geometric area relative to those
sintered at high temperature but exhibit poorer stability and corrosion resistance. A potential
compromise between activity and stability may be achieved by fashioning oxide nanoparticles as
active anodes. This has been demonstrated in the case of IrO269 and C030 470 but further work to
extend this methodology to a wider array of transition metal oxides is needed.
Most first row transition metal oxides are susceptible to corrosion under acidic
conditions. The protons produced from water splitting can dramatically lower the pH in the
vicinity of the electrode. At some critical pH, the hydronium ion concentration will be sufficient
to protonate the oxide itself resulting in corrosion. For this reason, the stability of metal oxide
anodes is enhanced when operated under harsh alkaline conditions. However, operation under
these conditions incurs significant balance of system costs 71 and hence water-splitting
technologies remain expensive for non-concentrated solar energy storage applications. 2 Thus,
the emphasis in thesis is on the development of efficient OER catalyst that operate under benign
conditions.
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Figure 1.3. Selected activity data for extended solid-state OER catalysts under alkaline (-) and acidic (-)
conditions. Plots and data points are extracted from figures or data presented in the stated references.
Polarization data are also shown for the cobalt phosphate (Co-Pi) catalyst operated at pH 7 (-) (ref. 76). RuO2
on Ti, 1 M H2S04 (ref. 73); RuO2 on Ti, 1 M NaOH (ref. 73); Ir0 2-Ta2O5 on Ti in 0.5 M H2S0 4 (ref. 74);
LaNiO3 pressed pellet, 1 M NaOH (ref. 57); LaCoO 3 pressed pellet, 1 M NaOH (ref. 57); LaMnO3 pressed
pellet, 1 M NaOH (ref. 57); C030 4 on Ti in 1 M KOH (ref. 75); PtO2 bonded in fluorinated ethylene propylene in
5 M KOH (ref. 61).
Figure 1.3 benchmarks the activity of extended solid-state OER catalysts based on
steady-state polarization data. Activity data for an electrodeposited cobalt based catalyst, Co-Pi,
that is the subject of this thesis is also shown for comparison.76 These data comprise a small
fraction of the wide array of electrodes evaluated for OER activity and are meant to be
representative of the best in class for various types of materials, strategies, and operating
conditions. Because temperature has an appreciable impact on electrode activity, the activities of
various catalyst systems are compared at ambient temperature (ca. 25* C). The data presented are
meant only as an estimate of the relative performance of different materials since disparities in
the effective surface area of the anode is unknown. A rigorous comparison of catalyst
performance requires the knowledge of accurate surface areas and controlled conditions.
Nevertheless, the data in Figure 1.3 offer the strictest comparison of catalytic activity because
data are reported for catalysts that provide activity as a function of overpotential under
electrocatalytic conditions (vs. chemical conditions).
Several general trends become evident from the compilation of data summarized in
Figure 1.3. Ir and Ru oxides exhibit excellent activities for the OER in both acidic and alkaline
conditions. First row transition metal oxides exhibit moderate to excellent activity with LaNiO 3
showing the best performance in alkaline media. PtO2 exhibits poor activity for the OER along
with oxides of mid to early transition metals (e.g. Mn). The data also highlight the paucity of
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non-precious metal catalysts that operate under acidic conditions; this explains the current
emphasis on the discovery of earth-abundant catalysts that are both stable and active at moderate
to low pH.
1.5 Heterogeneous Electron Transfer Theory and Electrode Kinetics
The preceding sections examined phenomenological structure-activity relationships for
the OER mediated by oxides. Here, principles that underlie the mechanistic interrogation of the
OER are discussed. First, the key concepts that define the rate of an outer sphere one electron
transfer at the electrified interface will now be introduced. From this base, principles of multi-
step inner sphere electron transfer processes such as the OER will be developed.
1.5.1 One-Electron Transfer Reactions
The fundamental principle that underlies all kinetic studies of electrode processes is the
correspondence between the rate of the process occurring at the interface and the current that is
measured in the electrochemical experiment. Current has units of charge per unit time (A = C/s)
and, therefore, as long as one knows precisely which physical or chemical process is consuming
the charge, one immediately knows the rate at which that process occurs. Varying the potential
applied to the interface is equivalent to changing the driving force for the electrode process in
question. Thus, finding the relationship between the driving force and the rate of an electron
transfer reaction (i.e. the relationship between potential and current) yields insight into the
mechanistic pathway of the electrode process and is at the core of any electrokinetic study.77
A primary interest in an electrokinetic study is to uncover the kinetic parameters that
describe the electron transfer reactions at the interface. However, electron transfer is not always
the only process taking place at the electrode. Even for the simplest case of an outer-sphere
electron transfer reaction at a metal electrode, application of a potential leads first to charging of
the electrode/electrolyte interface before any electron transfer to the analyte takes place.
Simplistically, charging of the interface involves accumulation of electrons or holes on the inner
surface of the metal electrode and a counterbalancing accumulation of oppositely charged
species (usually ions of the supporting electrolyte) in a region close to the electrode on the
solution side. 77 This forms an electrical double-layer within which charge transfer occurs to
dissolved reactants. This is a gross simplification of our highly refined understanding of
interfacial structure but it is ample for our purposes here. The point to be stressed is that even for
the most ideal interface, charge consuming processes other than those of interest must be
understood and accounted for before the kinetics of the electron transfer or catalytic reaction can
be isolated. At a metal electrode, double-layer charging occurs on the time scale of ~10-100
gs77'78 and, while this process can interfere in the study of very fast electron transfers, it can be
safely ignored in a steady-state measurement. The situation is not so straightforward in the case
of an oxide, where charging of the double-layer also involves oxidation or reduction reactions of
surface exposed metal atoms. These surface redox transformations store charge and, therefore,
endow the oxide electrode with a high degree of so-called pseudo-capacitance. Indeed, it is for
this very reason that many of the oxides most often considered as catalysts for the OER are also
excellent electrochemical capacitors. 79' 80 Since there is a finite limit of charge that can be stored
in any capacitive electrochemical process, the current going to this process will decay in an
exponential fashion approaching zero. Thus, if one is interested in studying the rate of a catalytic
reaction at an oxide, one need only hold the potential constant until the current reaches a steady
state value. Depending on the uncompensated resistance of the cell and the catalyst loading,
pseudo-capacitive currents can persist for many seconds, so care must be taken to ensure that a
true steady state has been achieved.
Once it is established that the current measured is exclusively going to the reaction of
interest, the second question of importance is whether the current measured is a reflection of the
rate of the interfacial reaction or the rate of mass transport of reactants to and products away
from the interface. Whereas studies of the rate of mass transport are essential to the design of
practical devices, limitations of mass transport are not of primary interest in an electrokinetic
study. The measured current density, i (A/cm2), can be described by a simple sum of
reciprocals, 77
=7+ (12)11 i ac
where il (A/cm 2) and iac (A/cm2) are the currents that would be expected in the situation of pure
mass transport limitation and pure activation control of the interfacial reaction, respectively. In
an electrokinetic study, the dependence of iac versus experimental variables including potential,
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pH, and electrolyte provides insight into mechanism. Thus, the experimental conditions must be
carefully chosen to minimize iac, or maximize ii, or both such that the former is the main
contributor (>95%) to the measured current, i. Since changes in the applied potential directly
affect iac but have no effect on il kinetic measurements conducted at low overpotential more
nearly approach pure activation control relative to those at very high overpotential. The mass
transport limited current is described by,77
ii nFDCO (13)6
where n is the number of electrons transferred in the overall reaction, F is Faraday's constant, D
(cm2/s) and CO (mol/cm 3) are the diffusion coefficient and the initial bulk concentration of the
reactant respectively, and 6 (cm) is the Nernst diffusion layer thickness. As is readily observed,
changes to the experimental conditions that maximize C0 or minimize ( will increase il and
diminish the influence of mass transport limitations on i. The parameter 6 describes the distance
away from the electrode surface at which the reactant concentration approaches the bulk value,
Co. Facilitating the flow of fluid to the electrode, by stirring the solution or rotating the electrode
itself, will decrease the value of 3, increasing il. Indeed, the most common method of facilitating
mass transport is to employ a rotating disk electrode (RDE) at which the flow of solution is
laminar, permitting rigorous calculation of il. On an RDE, il is proportional to the Co/2 where o is
the rotation rate in radians/s. Thus the current density measured on an RDE is given by,77
Co 2+ (14)L CW 1 /   (1 '1
where C is a constant which depends on the diffusion coefficient, kinematic viscosity of the
solvent, bulk concentration of reactant, and the number of electrons passed in the reaction. Thus,
extrapolating a plot of i1 versus o 1 to infinite rotation rate yields ic 1. In this way,
measurements conducted at variable rotation rates on an RDE provide a convenient way to
determine iac even when the interfacial reaction occurs under a mixture of mass transfer and
activation control.
The above description outlined some key considerations that go into the determination of
activation controlled current densities. For simplicity, the remainder of this text will refer to the
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Figure 1.4. Simplified reaction coordinate diagram for a heterogeneous single electron oxidation reaction of A to
A+. h* represents a hole with a chemical potential equal to the Fermi level of the poised electrode. The activation
barrier, AG:, and overpotential, rl, are in units of eV.
measured current density, i, but it will be assumed that i ~ iac for the system under investigation.
The next concern, which is the meat of an electrokinetic study, is the determination of how i
varies as a function of potential, pH, electrolyte strength, and other experimental variables.
Among these, the most important is the relationship between E and i. The E value recorded in an
electrochemical experiment is always relative to that of a particular reference electrode (e.g.
Ag/AgCl) designated as E = 0. An equally valid reference system is to set E = 0 to the
thermodynamic potential of the reaction under investigation. Using this reference system, the
applied potential is a direct measure of the driving force for the reaction in question and is
referred to as the overpotential, r. In practice, most electrochemical measurements are conducted
using a real reference such as an Ag/AgC1 electrode and the potentials measured are subtracted
from the thermodynamic value for the reaction to determine rq.
With a description of overpotential in hand, the expected relationship between
overpotential and current density for the most simplistic case of an outer sphere single electron
transfer reaction 78 can be constructed. In a one electron oxidation reaction at the interface, the
reactant well corresponds to a hole in the electrode, h*, and the reduced species, A, in solution
(Figure 1.4). The product well corresponds to the oxidized product, A+, in solution. The chemical
potential of the h* in the electrode is well approximated by the position of the Fermi level of the
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solid phase and is directly modulated by changes in the applied potential. Thus, if the electrode is
poised at the thermodynamic potential for the oxidation of A to A+, there will be zero driving
force for the overall reaction and the two wells will be isoenergetic (Figure 1.4). This situation is
most similar to that of an electron transfer self-exchange reaction in solution which also
possesses no driving force. In both cases, the reorganizational energy defines the reaction barrier,
AGI. As the electrode potential is increased, the chemical potential of the holes in the electrode
increases, and this raises the reactant well relative to the product well (Figure 1.4). The applied
overpotential, rq, characterizes the driving force for electron transfer and is therefore represented
by the difference in energy between the minima of the reactant wells. As can be graphically seen
(Figure 1.4), some fraction of this overpotential, p, known as the symmetry factor, will go
towards lowering the activation barrier for the reaction. The other fraction, 1 - P, will go towards
lowering the activation barrier for the back reaction. Since the Erying equation defines an
exponential relationship between activation barrier and reaction rate, changing the overpotential
will lead to an exponential increase in the activation controlled current density. For a single
electron transfer the following applies, 77
i = ioexp (I) (15)
where io is the exchange current density and represents the rate at which the forward and back
reactions occur when r = 0. It is directly analogous the rate at which the electrons transfer in a
self-exchange reaction. It is common in electrochemical kinetics to plot current density on a log
scale. Thus, eq 15 takes the following form,
log(i) = log(io) + = log(io) + r7/b (16)2.3RT
where b, referred to as the Tafel slope, is equal to
b = (17)
Isolation of r from eq 16 yields
r7 = blog(i) - blog(io) (18)
This is equivalent to the Tafel law, eq 6, with a equal to -blog(io). The cathodic variant (which
simply involves a change in sign) of the left hand side of eq 18 was discovered empirically by
Tafel 41 in 1905 and is the law that characterizes irreversible electrode reactions that occur in the
absence of mass transport limitations. It turns out that this relation applies even to complicated
multi-step electrode reactions (vide infra), not just the one electron transfer considered here for
its derivation. More complicated reactions will be distinguished, depending on their mechanism,
by differing values of the Tafel slope, b. Thus, measurement of the Tafel slope provides
mechanistic insight.
The Tafel slope that is predicted theoretically for a one-electron transfer reaction is well
described by the Marcus equation, 78
AG* 1 +2 (19)
where AGr* (eV) and A (eV) are the activation barrier and reorganization energy, respectively.
The value, p, describes how changes in the overpotential effect changes in the activation barrier.
Thus,78
#1= + (20)
afl 2 2A
This relation indicates that # is not a constant; it is expected to increase as the driving force
increases. However, over the normal range over which electrokinetic data are typically obtained
(q = 0.1 - 0.5 V) the common assumption of 8 = 0.5 is justified except for the fastest of electron
transfer reactions. For most systems, 1 values well in excess of 1 eV are common and therefore
the q/2 term of eq 20 is negligible and # = 0.5. In this case, from eq 18 a Tafel slope of 120
mV/decade is expected at room temperature for a one electron transfer reaction. Whereas the
exact value of p is still a source of debate in a number of systems, extensive studies of the HER
in systems that involve a turnover-limiting single electron transfer do exhibit Tafel slopes very
close to the expected value of 120 mV/decade.7 7
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1.5.2 Multiple Electron Transfer Reactions
The principles delineated above also predict the expected Tafel slopes of more
complicated multi-step reactions such as the OER. Regardless of its complexity, as long as one
can write a rate expression akin to eq 16 for any hypothetical reaction mechanism, solving the
partial derivative of E with respect to log(i),
=g b, (21)
Blog (i)
will yield the predicted Tafel slope, b. While the Tafel law, as written in eq 18, relates q to log(i),
q is best substituted by E because, in a multistep reaction, one or two of reaction steps may
control the kinetic profile of the overall reaction (vide infra). In this situation, it is difficult to
define the thermodynamic potentials precisely for individual steps. Because it is easy to measure
and apply a given potential E relative to an arbitrary reference, it is more suitable to use E rather
than q when considering the mechanism of a multistep reaction. This substitution of 17 with E has
no impact on the kinetic parameters inasmuch as measurements are typically made with an
assessment of how a change in the potential impacts the reaction velocity.
An illustrative derivation of a rate law from a hypothetical reaction mechanism is
afforded for the mechanism invoked for OER in alkaline media:
M + OH- F M-OH + e~ (22)
M-OH +0H- ; M-0 +e-+ H2 0 (23)
2 M-0 2 M + 02 (24)
The surface active sites are designated generically, as M. Measurements of the rate of an
electrocatalytic reaction, particularly on an oxide surface, are best conducted at steady state to
ensure that the impact of electrode charging on the measured current is minimized. At steady
state, only the turnover-limiting step is irreversible whereas all other elementary steps before and
after exist in quasi-equilibrium. Based on which particular step is assumed to be turnover-
limiting, the mechanistic sequence in eqs 22-24 can yield several different predictions for a Tafel
slope. If eq 22 is turnover-limiting, then the expression for the velocity of the turnover limiting
step, v, is given by
V = OM(aoH-)exp ( F) (25)
where aoH- refers to the activity of the hydroxide ion reactant in this step and the term Om is the
surface coverage of the exposed reaction sites, M, in eq 22. The surface coverage term, Om, refers
to the proportion of active sites in the intermediate state, M, during steady state turnover
conditions. Values of 0 always range from 0, designating no surface coverage for the species in
question, to 1, representing saturated surface coverage. The sum of the surface coverages of all
catalytic intermediates must equal 1. If M is the resting state of the catalyst, then Om approaches
unity. Of course, Om is only one among many intermediates in the catalytic cycle and therefore its
value will never rigorously equal 1. However, for the situation where Om -> 1, the impact of
changes in potential on 6m can be safely ignored and it can be treated as a constant. Under this
set of assumptions, eq 25 describes the velocity of the overall catalytic reaction. In all cases,
reaction velocity is directly proportion to the current density so the Tafel slope can be directly
obtained by taking the appropriate partial derivative of eq 25,
____ OE = 2.3RT =b(6
0o (i) BlogE 81 -(
With the assumption of f = 0.5, a Tafel slope of 120 mV/decade is predicted. This is identical to
the result obtained earlier for a single step electron transfer reaction because a similar one
electron irreversible oxidation is controlling the rate of the multi-step reaction under our set of
assumptions.
The Tafel analysis is attractive owing to its generality. For example, consider a situation
where eq 23 is turnover limiting. The velocity of the reaction is now given by,
V = M-OH'f (OH-)eXp R(27)
Apart from the substitution of Om with OM-OH, this expression is identical to eq 25. If the M-OH
species is the resting state, then OM-oH -- 1, this equation will yield a 120 mV/decade Tafel slope
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just as above. However, if M species is the resting state, then 6M -> 1 and OM-OH - 0 and
consequently eq 27 must be rewritten in terms of the majority surface species, M. To do this,
note that the ratio of 6 M-OH and OM in equilibrium 23 is given by the Nernst equation, yielding,
OMuOH = K(aOH-)exp (FE (28)
where K is the equilibrium constant at E = 0 for eq 22. Combining eqs 27 and 28 yields the
following general rate expression,
v = BmK(aOH-)2 ex (+1)FE)
In this case, the Tafel slope will be given by
aE 8E 2.3RT
alog (i) Blog (V) (#+1)F
If p = 0.5 for this case, the expected Tafel slope will be 40 mV/decade. This dramatic difference
illustrates how potential mechanistic pathways can be distinguished through Tafel analysis. If the
foregoing assumptions are accurate as the potential is increased, the position of equilibrium 22
will begin to favor the product side and in the limit of very high potentials 6M-OH will begin to
approach unity. Thus, this particular mechanism predicts two Tafel regions, one with a slope of
40 mV/decade at low potential and another with a 120 mV/decade slope at high potential. In
practice, experimental complications (e.g. mass transport limitations, barriers to charge transfer
through the oxide film) may prevent the observation of two distinct Tafel regions. Nonetheless,
these two simple examples illustrate the considerations that go into constructing a rate law for
catalysis and how that rate law can be used to derive an expected Tafel slope.
The above discussion is predicated on low or high limiting surface coverages (e.g. 6M
with OM-oH). This represents Langmuir adsorption conditions, which leads to the assumption that
the equilibrium constant for the conversion between two surface-adsorbed species is invariant
with changes in their relative population. Whereas such an assumption holds well for surface
coverage extremes, it falters for intermediate coverages (-0.2 to 0.8). Lateral interactions
between adsorbed species may cause the equilibrium "constant" to typically decrease with
increasing coverage, suppressing changes in the position of the equilibrium with increasing
potential. For such cases, intermediate coverage is better described by the Temkin adsorption
isotherm to explain fractional reaction orders or unconventional kinetic behavior.7 7 It has been
shown that Temkin conditions can only prevail over a narrow potential range of 150 mV1 and,
thus Tafel data collected over wide range can be used to assess its applicability.
Rate expressions, eqs 25, 27, and 29, contain valuable information about the reaction
order in OH-. For eqs 25 and 27, the reaction order in hydroxide ion is one whereas it is two for
eq 29. Electrochemical reaction orders are usually interrogated using a log/log plot of current
density versus OH- activity for a reaction held at constant potential relative to a pH independent
reference electrode. Such a plot should be linear and will exhibit a slope equal to the reaction
order. The expected behavior also falls out of the derivative of eqs 25 or 27,
( Olog (i) 
_ ( Blog (v) -) 1 (31)kalog (OH-) E -kBlog (OH-))E
In the case of eq 29, a second order dependence and slope of 2 is expected. Equation 32 is quite
general inasmuch as the reaction order for any species can be determined from the slope of a
log/log plot for an experiment conducted at constant potential. Conducting measurements at
constant E rather than at constant r/ is important because the thermodynamic potential for the
overall reaction will change as the reactant concentration is changed. While the reaction order
can be measured at constant rq, the value obtained is convoluted with the Tafel slope and is
therefore not an independent measurement.7 7
Reaction order measurements are also often conducted at constant current density. For
such measurements, the reaction rate is held constant and the potential necessary to sustain the
reaction rate is measured. The expected value for this parameter follows directly from the
appropriate derivative of the general rate expression. For eq 25 and 27,
( E f 2.3RT=-b(2
Balog (OH-) Balog (OH-) - (2
and for eq 29,
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( aE OE(_____ 2.3RT
k~o OH) = (% 0 - 2 = -2b (33)kalog ( alog (OH-) (P+1)F
The diagnostic parameters for reaction order at constant potential and at constant current density
are related to the Tafel slope by a product of partial derivatives,
G aE = __8E N (log (i) (34)
Blog (a)) kalog (i)) a Blog (a)) E
where a represents the activity of the species in question. This relation serves as a good check of
self-consistency between the values obtained from Tafel and reaction order measurements.
As with any kinetic study, the determination of reaction orders and Tafel slopes are
sufficient to arrive at an observed electrochemical rate law. However, as exemplified by the
foregoing discussion, a number of mechanistic sequences will be consistent with this rate
expression. Thus, translating an electrochemical rate law to a mechanistic hypothesis requires the
application of additional insight from spectroscopic and electrochemical surface characterization
studies which serve to more precisely define the catalyst resting state.
1.6 Co-Pi Water Oxidation Catalyst
With the aim of developing oxygen-evolving catalyst ideally suited for water oxidation
under benign conditions, we began exploring the aqueous electrochemistry of Co 2 complexes.
Serendipitously, we found, in 2008,76 that controlled potential electrolysis of C02+ salts in pH 7
phosphate (Pi) buffer at 1.3 V (vs. NHE) resulted in observed currents that asymptotically
approach 1.5 mA cm-2 over several hours. During this time, a dark green-black film forms on the
surface of the electrode. Figure 1.5 shows scanning electron microscopy (SEM) images of the
electrode surface at various times during the electrolysis. The indium-tin oxide (ITO) substrate
can be seen through cracks in the film that form upon drying, as evidenced by particles that are
split into complementary pieces. The thickness of the electrodeposited catalyst is determined by
the length of the electrodeposition and the concentration of C02* in the deposition solution.
Prolonged electrolysis (passage of 40 C cm- 2) produces films with limiting thicknesses of ~3 gm
with the concomitant formation of spherical nodules of 1-5 pm in diameter. The nodules are of
similar composition to the film. Prepared films do not need to be used immediately. They can be
stored under ambient conditions and subsequently used as an anode in Co-free solutions.
Powder X-ray diffraction patterns of the electrodeposited catalysts exhibit broad
amorphous features; no peaks indicative of crystalline phases are observed other than the peaks
associated with the ITO sublayer. Films prepared from Pi exhibit a 2 : 1 Co : P ratio as
determined by energy-dispersive X-ray (EDX) and elemental analyses. Together, the XRD and
analytical results indicate that electrolysis of a Co2" solution in aqueous phosphate buffer results
in the electrodeposition of an amorphous Co oxide or hydroxide incorporating a substantial
amount of phosphate anion. These films are designated as Co-Pi throughout this thesis.
The electrodeposited film was found to be active for water oxidation electrocatalysis at
neutral pH.76 As shown in Figure 1.3, the activity of Co-Pi compares favorably to that of other
Co-based first row transition metal oxides. The comparison in Figure 1.3 is particularly dramatic
considering that the other oxides shown were evaluated under highly alkaline conditions where
the facility of hydroxide oxidation relative to water oxidation enhances the observed catalytic
current at the same overpotential. Encouraged by these findings, the studies detailed in this thesis
were pursued.
1.25 -
1.00 -
0,50 -
0.5
0.25 0 1 2 3 4 5 6 7 8
time / h
Figure 1.5. Current density profile for bulk electrolysis at 1.29 V (vs. NHE) in 0.1 M KP electrolyte at pH 7.0
containing 0.5 mM C02+. SEM images of the electrode surface taken at indicated time points during the
electrodeposition of the catalyst film. The ITO substrate can be seen through cracks in the dried film.
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1.7 Scope of the Thesis
While initial studies of Co-Pi suggested its promise as a water oxidation catalyst, many
questions remained. In particular: (i) Is phosphate unique in supporting film formation and
oxygen evolution catalysis? (ii) What is the structure of the bulk material? (iii) What is the
valency of the Co centers in the material? (iv) What is the mechanism of water oxidation
catalysis mediated by Co-Pi? (v) What is the role of phosphate in this mechanism? (vi) What is
the mechanism for catalyst formation? (vii) How does the catalyst resist corrosion at
intermediate pH? Studies that bear on each of these questions are detailed in the following
chapters. Chapter 2 interrogates (i) and demonstrates that catalyst formation depends critically on
the proton-accepting properties of the electrolyte medium. Chapter 3 investigates (ii) and (iii)
and shows a catalyst structure composed of metal-oxide clusters populated with Co(III) and
Co(IV) centers, the ratio of which depends on potential. With the studies in chapter 3 as a
backdrop, chapter 4 investigates questions (iv) and (v) resulting in a coherent mechanistic model
for neutral pH water oxidation. Finally, chapters 5 sheds key insights on questions (vi) and (vii)
revealing the design elements critical for developing improved anodes for water splitting under
benign conditions.
1.8 Concluding Remarks
The OER is a critical bottleneck for the efficient conversion of solar energy into
renewable chemical fuels and therefore OER catalyst development is paramount for the
widespread implementation of solar energy. Decades of research have yielded empirical insights
into the periodic activity trends for the oxygen evolution reaction and significant developments
have been made to the basic theories of electrode kinetics. Despite these efforts, many
fundamental and applied questions remain. Since almost all kinetic studies of the OER have been
conducted at the pH extremes, a cohesive mechanistic picture has yet to emerge for most
materials, particularly first row transition metal oxides which have limited stability under non-
alkaline conditions. Additionally, few studies have attempted to couple electrokinetic
measurements to spectroscopic probes to provide a cohesive mechanistic picture. Furthermore, a
mechanistic understanding of why different catalysts possess different pH regimes of stable
operation is not at hand. Advancement on all these fronts is required in order for the continued
discovery and development of new and improved OER catalysts. The Co-Pi catalyst introduced
here is a promising candidate for enabling distributed energy storage particularly via
photoelectrochemical water splitting, establishing the need to understand the kinetic and
structural details that underlie its function. The subsequent chapters detail our investigations of
this system.
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Chapter 2 - Electrosynthesis of Cobalt-Based Water Oxidation
Catalysts
Portions of this chapter have been published:
Surendranath, Y.; Dinca, M.; Nocera, D. G. J. Am. Chem. Soc. 2009, 131, 2615. - Reproduced
with permission. Copyright 2009 American Chemical Society
2.1 Introduction
In chapter 1, we introduced the recent observation from our laboratory, that the
electrolysis of Co 2 salts in pH 7 phosphate electrolyte (Pi) effects the electrodeposition of a
highly active water oxidation catalyst as an amorphous thin film on an inert indium-tin-oxide
(ITO) or fluorine-tin-oxide (FTO) electrode.' In contrast to spinel and perovskite metal oxides
that oxidize water under highly alkaline conditions, 2 the cobalt-phosphate compound is among
the few catalysts for which electrochemical water oxidation at neutral pH has been
demonstrated, 3' 4 and among these, is unique because it does not involve a precious metal
constituent.
We now elaborate the design of the system in two ways: (1) catalyst formation and
function is not restricted to Pi; a fully functional catalyst is formed from a methylphosphonate
(MePi) or borate (Bi) electrolyte; and (2) oxygen production from the electrodeposited catalyst is
not impeded by the presence of chloride, allowing efficient oxygen evolution from salt water.
The activity of the catalyst is evaluated in comparison to materials deposited from electrolytes
that are poor proton acceptors at neutral pH. In the absence of proton-accepting electrolytes, we
show that (1) catalyst formation is significantly impeded at a give potential and is not observed
under conditions similar to those employed for Co-Pi, Co-MePi or Co-Bi catalysts and (2)
catalyst activity is severely diminished and deteriorates over time. These results together
establish the imperative for proton-accepting electrolytes, which enable catalyst formation,
sustained activity and functional stability.
2.2 Results
2.2.1 Cyclic Voltammetry
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Cyclic voltammetry (CV) scans of a glassy carbon working electrode in an aqueous 0.5
mM Co2+ solution in 0.1 M potassium phosphate electrolyte at pH 7.0 (Pi), 0.1 M sodium
methylphosphonate electrolyte at pH 8.0 (MePi), and 0.1 M potassium borate electrolyte at pH
9.2 (Bi) are shown in Figure 2.1 along with the respective background traces taken in pure
electrolyte with no Co2+. As reported previously,' in Pi electrolyte a sharp anodic wave is
observed at Ep,a = 1.13 V vs. NHE, followed by a strong catalytic wave at 1.23 V. The
corresponding sharp anodic wave in MePi is observed at Ep,a = 1.04 V, followed by the onset of a
catalytic wave at 1.14 V. In Bi electrolyte, the anodic wave is observed at Ep,a = 0.77 V and is
well separated from the catalytic wave at 1.10 V. A catalytic current of 100 pA is observed at
1.34, 1.27, and 1.20 V for Pi, MePi, and Bi electrolytes, respectively. The 70 mV shift in the
position of the catalytic waves between MePi and Bi reflects the 72 mV shift in the
thermodynamic potential for water oxidation between pH 8.0 and 9.2. A broad cathodic wave at
Ep,c = 0.93, 0.81, and 0.55 is observed in Pi, MePi, and Bi, respectively; for the latter electrolyte,
the cathodic wave is also followed by a broad cathodic shoulder. On subsequent scans, the sharp
anodic pre-feature of all electrolyte solutions is replaced by a broad anodic wave that grows upon
repetitive scanning suggesting adsorption of an electroactive species.
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Figure 2.1. Cyclic voltammogram using a glassy carbon working electrode, 50 mV/sec scan rate, of aqueous 0.5
mM C
2 
in 0.1 M Pi electrolyte, pH 7.0 (-), 0.1 M MePi electrolyte, pH 8.0 (- - -), and 0.1 M Bi
electrolyte, pH 9.2 (- ). Background traces in each electrolyte medium in the absence of Co
2
+ are overlaid.
Inset shows CVs in the presence of Co
2
+ on an expanded current scale.
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Figure 2.2. Cyclic voltammogam using a glassy carbon working electrode, 50 mV/sec scan rate, in 0. 1 M MePi
electrolyte, pH 8.0 (- - -), and 0.1 M Bi electrolyte, pH 9.2 (-------), with no C02+ present after 1 scan in the
presence of 0.5 MM C02+ . Backgound scan of a freshly polished electrode is overlaid. Inset shows CVs on an
expanded current scale.
The phenomenon of electrodeposition was probed further in MePi and Bi electrolytes
where the anodic pre-feature is well separated from the catalytic wave. A single CV scan of a
fresh polished glassy carbon electrode was performed in solutions of 0.5 mM C02+ in MePi and
Bi electrolytes and the scan was reversed beyond the anodic pre-feature wave but prior to the
catalytic wave. The electrode was removed from solution, rinsed with water, and placed in fresh
electrolyte solution containing no Co2+. The subsequent CV scans of the electrode in MePi and
Bi are shown in Figure 2.2. For both electrolytes, a strong catalytic wave is observed.
2.2.2 Film Preparation and Characterization.
To investigate the nature of the catalytic wave, controlled potential electrolysis was
performed at 1.3 V in a conventional two compartment cell. In each case, the working
compartment was charged with either a 1 mM Co2+ solution in MePi electrolyte, or a 0.5 mM
C02+ solution in Bi electrolyte, whereas the auxiliary compartment was charged with pure
electrolyte. ITO coated glass slides were used as working electrodes in each case. In MePi, the
current density reaches an asymptotic limit of 1.5 mA/cm2 over the course of 2 hours (Figure
2.3a). In Bi, the-current density reaches an asymptotic limit of 2.3 mA/cm2 over the course of 10
minutes (Figure 2.3b). In both cases, the rise in current is accompanied by the formation of a
dark green film on the ITO electrode and 02 effervescence (vide infra).
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Figure 2.3. Current density trace for bulk electrolysis at 1.30 V in 0.1 M MePi electrolyte, pH 8.0, 1 mM Co2+
on an ITO anode (a) and for bulk electrolysis at 1.30 V in 0.1M Bi electrolyte, pH 9.2, 0.5 mM Co2+ (b). Insets:
SEM images (300 tilt) of catalyst films electrodeposited from MePi electrolyte (a) and Bi electrolyte (b).
The morphology of films from Pi, MePi and Bi electrolytes (Co-Pi, Co-MePi and Co-Bi,
respectively) has been analyzed by scanning electron microscopy. Depositions from MePi
electrolyte were conducted from quiescent solutions. Progressively thicker films are observed at
longer deposition times. Early in the course of electrolysis, a film of uniform -1 ptm thickness is
observed upon passage of 6 C/cm2. Prolonged electrolysis (passage of 40 C/cm2) produces a film
~3 gm thick with the concomitant formation of spherical nodules of 1 to 5 gm in diameter on the
surface of the film (Figure 2.3a, inset). These morphological features are similar to those of films
deposited from Pi electrolyte.' Depositions from Bi electrolyte under quiescent conditions lead to
a rapid decrease of current arising from local pH gradients and associated resistive losses due to
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Figure 2.4. Powder X-ray diffraction pattern of blank catalyst deposited from Pi (-), MePi (-) and Bi (-).
ITO crystallites account for the observed diffraction peaks.
the formation of neutral H3BO3 species. As such, bulk electrolyses in Bi electrolyte were
conducted with stirring, whereupon stable currents were observed for hours, as shown in Figure
2.3b. Unlike Co-Pi or Co-MePi, Co-Bi displays a somewhat different surface morphology.
Spherical nodules appear early in the course of deposition and merge into larger aggregates upon
prolonged electrolysis, as shown in the inset of Figure 2.3b. SEM images of Co-Bi films grown
from quiescent solutions also reveal similar morphological features.
Powder x-ray diffraction patterns of Co-MePi and Co-Bi exhibit only broad amorphous
features and no detectable crystallites besides those corresponding to the ITO substrate (Figure
2.4). In line with this observation, transmission electron microscopy does not reveal crystalline
domains nor are electron diffraction spots observed on a length scale of 5 nm. The chemical
compositions of the films were determined by elemental analysis and energy dispersive x-ray
analysis (EDX). Catalyst films were electrodeposited on large surface area electrodes (as large as
20 x 20 cm) and the catalyst was removed from the surface to furnish up to 100 mg of black
powder whose composition was determined by microanalysis. The mole ratios of the species
present in the film for all deposition conditions attempted are shown in Table 2.1. Regardless of
Co 2 concentration, Co-MePi films exhibit a Co:P ratio of 4.5:1, while lowering the pH to 7.0
caused a slight increase in the Co:P ratio. The elemental analysis data are corroborated by EDX
analysis, which reveals Co:P ratios of 4:1 to 6:1 for films that ranged in thickness from ~100 nm
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to >3 pm as well as for those prepared using Co2+ concentrations ranging from 0.1 mM to 10
mM. For Co-Bi films, a Co:B ratio of~10:1 is observed by elemental analysis.
Table 2.1. Molar elemental composition of catalyst films.
Deposition Conditions Co P Na C B K
MePi, pH 8.0, 1 mM Co2+ 4.5 1 1.2 0.6
MePi, pH 8.0, 10 mM Co2+ 4.5 1 0.9 0.8
MePi, pH 7.0, 10 mM Co2+ 5.6 1 0.6 0.7
Bi, pH 9.2, 0.5 mM Co2+ 9.5 1 1.0
Pi, pH 7.0, 0.5 mM Co2+ 2.7 1 1.0
Uncertainties are estimated to be less than 10% in all cases; All values are normalized to the molar anion
composition of each film.
2.2.3 Water Oxidation Catalysis and Activity
Mass spectrometry establishes that gas effervescence from the electrode is a result of 02
production from water. The provenance of 02 was determined by using 180-labeled water. MePi
enriched with 18.9% 180H 2 was chosen as a representative electrolyte. Evolved gases were
detected in real-time by mass spectrometry (Figure 2.5). Signals for all three isotopes of 02 rise
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Figure 2.5. Mass spectrometric detection of isotopically-labeled 16'1602 (-), 16'1802 (), 181802 (-), and CO 2(-) during electrolysis of a catalyst film on ITO in 0.1 M MePi electrolyte, pH 8.0, containing 18.9% 180H2-
Green and red arrows indicate start and end of electrolysis, respectively. Inset: Percent abundance of each
isotope over the course of the experiment. Average observed abundance ±2a indicated above each line.
Statistical abundances: 65.8%, 30.6%, and 3.6%.
from their baseline levels minutes after the onset of electrolysis and then slowly decay after
electrolysis is terminated and 02 is purged from the head space. Notwithstanding, the same ratio
of isotopes is preserved throughout. The observed isotopic ratio of 66.0:30.4:3.6 =
16,1602:18,1602:18,1802 is in good agreement with the predicted statistical ratio of 65.8:30.6:3.6 =
16,1602: 18,1602: 18,18 02. A small amount of CO2 (-0.5%) is also observed, suggesting the oxidation
of MePi to Pi within the catalyst film. In line with this contention, a 31P NMR spectrum of
dissolved films of the catalyst shows a phosphate:methylphosphonate ratio of -3:1 (Figure 2.6).
The oxidation of MePi within the film is also reflected by a P:C ratio of -2:1 as determined by
microanalysis. The lower carbon content observed by 31P NMR relative to elemental analysis is
attributed to the longer electrolysis times used for the NMR study. The issue of CO2 evolution is
obviated upon the replacement of MePi electrolyte with Bi or Pi electrolytes.
Whereas MePi is partially degraded within the film, NMR of the MePi electrolyte
solution does not reveal decomposition of the electrolyte under prolonged electrolysis. Bulk
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Figure 2.6. 31P{ H} spectrum of a dissolved Co-MePi film.
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electrolysis was conducted using an ITO anode and a 1 mM Co2+ solution. A charge of 87 C (1.8
eq vs. MePi; 180 eq vs. Co2+) was passed and the solution from the working compartment of the
electrochemical cell showed a single 31P signal at 24.86 ppm (pH = 6.3) and an 'H signal at 1.22
ppm (J = 16.5 Hz). These values are similar to that of fresh electrolyte, which exhibits a 3P
signal at 21.76 ppm (pH = 8.0) and a 'H signal at 1.05 ppm (J= 15.5 Hz). No other major signals
are observed in the NMR spectrum of solutions from either the working or auxiliary
compartment.
The Faradaic efficiency of catalysts was determined by fluorescence based 02 sensing of
the evolved gases. In a bulk electrolysis using MePi, the amount of 02 produced (145 pmol)
accounted for 98(±5)% of the current passed (57 C; 148 pamol). For a Bi electrolyte, the amount
of 02 produced (135 imol) accounted for 104(±5)% of the current passed (50 C; 130 imol).
The log of current versus overpotential relationship (Tafel plot) was used to evaluate the
activity of catalysts grown from MePi and Bi electrolytes. Tafel plots data for Co-Pi, Co-MePi
and Co-Bi catalysts in their native electrolytes (Figure 2.7) are similar in slope indicating that
each of the electrolyte environments is equally competent at shuttling protons during catalytic
turnover to sustain high activity.
2.2.4 Catalyst Electrodeposition and Activity in Non-buffering Electrolytes.
To assess the role of the electrolyte in catalyst formation and activity, experiments were
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Figure 2.7. Tafel plot, q = (Vapp - iR - E*), of a catalyst film deposited from and operated in 0.1 M Pi
electrolyte, pH 7.0 (e), 0.1 M MePi electrolyte, pH 8.0 (m), and 0.1 M Bi electrolyte, pH 9.2 (A).
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Figure 2.8. Cyclic voltammogram using a glassy carbon working electrode, 50 mV/sec scan rate, of 0.1 M
K2 SO4 electrolyte, pH 7.0, containing 0 mM Co2+ ( ), 0.5 mM Co2+ (- - -), 5 mM Co 2+ (-.---), and
50 mM C02+ (- - -). CV traces of glassy carbon working electrode, 50 mV/sec scan rate, of 0.5 mM Co2+ in
Pi electrolyte, pH 7.0 (- - - -) are shown for comparison. Vertical arrows indicated progression between the
first and fifth scans taken without pause. Inset shows all CVs on an expanded current and potential scale.
performed in solutions containing Co2+ and electrolytes that are poor proton acceptors (e.g.,
S0 42-, N03-, C104-). CVs of a glassy carbon working electrode in 0.1 M K2S04 at pH 7.0,
containing varying concentrations of Co2+ are shown in Figure 2.8. The first and fifth CV scans,
taken without pause, are displayed along with the correspond traces of a 0.5 mM Co2+ solution in
Pi electrolyte. The CV traces of 0.5 mM Co2+ in the 0.1 M K2S04 solution are indistinguishable
from the background scan in the absence of Co2+ whereas a slight current enhancement over
background is observed at 1.56 V from 5 mM Co2+ solutions. At 50 mM Co2+, a pronounced
anodic wave, with an onset of 1.40 V, is observed. At this concentration, the return scan exhibits
a small cathodic wave at Ep,0 = 1.15 V. CVs recorded on Co2+ in K2S04 solution exhibit slightly
diminished currents on subsequent scans, contrasting those recorded in Pi electrolyte solution
from which pronounced current enhancements are observed upon subsequent scanning. The
same behavior is observed when 0.1 M NaClO 4, pH 7.0, is substituted for K2S0 4 as the
electrolyte. Hence, in electrolytes that are poor proton acceptors, catalyst formation does not
occur for Co2+ ion at modest concentrations.
Co-based films electrodeposit from unbuffered electrolyte (S0 42-, N0 3~, C10 4-) solutions
containing high concentrations of Co2+ ion (Co-X films). 5 A film forms on a nickel foil substrate6
upon controlled current electrolysis (ia = 8 mA/cm 2) of 500 mM Co(SO 4) in reagent grade water
in a three electrode single compartment cell. 7 Upon conclusion of electrolysis, the working
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Figure 2.9. Controlled potential electrolysis at 1.3 V of a catalyst film operated in 0.1 M Pi electrolyte, pH 7.0
(- ), and 0.1 M K2 S0 4 , pH 7.0 (-------). Catalysts deposited from Pi electrolyte and K2S0 4 electrolyte
respectively (see experimental section).
electrode was placed in fresh electrolyte solution (0.1 M K2S04, pH 7.0) containing no C02+.
Electrolysis was initiated with stirring for 1 hr at 1.3 V vs NHE using the standard two
compartment cell separated by a glass frit (as used for all previously described experiments). The
current density traces obtained over this time are displayed in Figure 2.9. The current rapidly
declines to 70 pA/cm 2 after one minute and continues to diminish over the course of electrolysis
to 36 pA/cm2 after 1 hour. For side-by-side comparison, a catalyst film was prepared on a nickel
foil substrate by controlled potential electrolysis (1.40 V) of a 0.5 mM Co2+ in Pi electrolyte
solution. Upon conclusion of electrolysis, the electrode was placed in fresh Pi electrolyte
solution containing no Co2+. Electrolysis was initiated for 1 hr at 1.3 V vs. NHE and the same
electrode geometry and stir rate was used as chosen for electrolysis in unbuffered solution. The
current density trace is shown in Figure 2.9. Unlike Co-X systems, the current of the Co-Pi
system remains stable at ~1 mA/cm2 over the entire course of the electrolysis.
Electrolytes possessing poor buffering capacity lead to diminished activity (vide supra)
and to large pH gradients across a two-compartment cell. This obstacle may be overcome by
utilizing a single compartment configurations for water oxidation.8 To assess the Faradaic
efficiency of a single compartment setup, a Co-X film prepared from 500 mM CoSO4 solutions
as described above was electrolyzed using a three electrode configuration in a single
compartment cell containing 0.1 M K2S04 at pH 7.0. Evolved 02 was detected by direct
fluorescence-based sensing (Figure 2.10). Throughout the course of electrolysis, the amount of
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Figure 2.10. Faradaic efficiency of a single compartment bulk electrolysis at 0.5 mA/cm2 constant current. 02
detected by fluorescence sensor (- ) and theoretical 02 trace assuming 100% Faradaic efficiency (-------).
Green and red arrows indicated start and end of electrolysis, respectively. Conditions: 0.1 M K2S0 4 electrolyte,pH 7.0. Catalyst prepared from 0.1 M K2S0 4 electrolyte, pH 7.0, 500 mM Co2+
02 evolved is significantly attenuated relative to the amount of 02 expected on the basis of 100%
Faradaic efficiency.
2.2.5 Water Oxidation from Salt Water.
Catalyst function does not require pure water. Controlled potential electrolysis of a Co-Pi
film at 1.3 V in Pi electrolyte containing 0.5 M NaCl reveals sustained current densities greater
than 0.9 mA/cm 2. These current densities are comparable to those observed in the absence of
NaCl, suggesting that chloride anions do not inhibit 02 evolving catalysis (vide infra). EDX
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Figure 2.11. EDX histogram of a catalyst film after 16 hrs (76.5 C passed) of electrolysis in 0.5 M NaCl, 0.1 M
KPi electrolyte, pH 7.0. Vappi= 1.30 V; cps = counts per second. Catalyst prepared from 0.1 M KPi electrolyte,
pH 7.0, 0.5 mM Co2+
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analysis of a film used for prolonged (16 h, 76.5 C passed) electrolysis in the presence of 0.5 M
NaCl reveals that Co and P are retained in a ratio similar to that of the parent film.1 In addition,
EDX analysis also indicates significant incorporation of Na* ion, but only minimal incorporation
of CF (Na:Cl = -6:1), suggesting significant exchange of Na* ion for K* ion (Figure 2.11).
Noting the stability of the film in chloride-containing electrolyte, we quantified the
Faradaic efficiency of water oxidation in this medium using fluorescence-based sensing of
evolved 02. Figure 2.12 shows the amount of oxygen produced at 1.30 V vs. that expected for 02
production with 100% Faradaic efficiency. The observed 02 signal rises shortly after initiation of
electrolysis as oxygen saturates the solution and fills the headspace, and hence the offset. The
observed 02 signal rises throughout the electrolysis (15 h) and plateaus upon termination of
electrolysis at a value in accordance with the net current passed in the experiment (35.3 C, 91.4
pmol 02). These results show that water oxidation to 02 predominates (100±5%) from salt
solutions. This property of the system is further corroborated by direct quantification of oxidized
chloride species (HOCl and OC~). A Co-Pi film was operated in the presence of 0.5 M NaCl for
16 h (76.5 C passed) at 1.30 V and then the solution was analyzed for hypochlorite using a
standard NN-diethyl-p-phenylenediamine titrimetric assay.9 We observe 9.3 pmol of oxidized
chloride species, which accounts for 1.80 C or 2.4% of the total current passed in the experiment.
To exclude the possibility of C12 production in this medium, the evolved gases were analyzed in
real time by an in-line mass spectrometer. The only gas detected was 02 and no isotopes of C12
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Figure 2.12. 02 detected by fluorescence sensor (- ) and theoretical 02 trace assuming 100% Faradaic
efficiency (-.---). Green and red arrows indicated start and end of electrolysis, respectively. Conditions: 0.1 M
KPi electrolyte, pH 7.0, 0.5 M NaCl, Vapp = 1.30 V, no compensation for iR drop. Catalyst prepared from 0.1 M
KPi electrolyte, pH 7.0, 0.5 mM Co2+
rose above the baseline level during the course of the experiment (6 h).
To further evaluate the stability and activity of the catalyst in the natural water sources,
Tafel plots collected in electrolyte-enriched solution of sea and river water.
2.3 Discussion
The electrolyte is a crucial determinant in the formation, activity and selectivity of self-
assembled cobalt-based electrocatalysts for water oxidation. In the absence of suitable
electrolytes, the generation of oxygen at appreciable activities from neutral water under ambient
conditions cannot be achieved.
Large catalytic waves for water oxidation are observed from CVs of low concentrations
of C02+ (0.5 mM Co2+) in solutions of Pi, MePi or Bi electrolytes. Prior to the onset of catalytic
current (Figure 2.1), an anodic wave is observed in the CV that is consistent with a Co3+/2+
couple. The observed potential for this couple is well below that of Co(OH 2)3+/2+ (1.86 V) but is
similar to the 1.1 V potential estimated for the Co(OH) 2+/' couple.' 0 As Figure 2.2 shows, the
catalytic wave is preserved upon the placement of the once anodically scanned electrode in a
fresh electrolyte solution containing no Co2+ cation. Polishing the electrode restores a clean
background in the CV indicating that a catalytically competent species electrodeposits
immediately following oxidation of Co2+ to Co3+ at modest potentials. This behavior is in sharp
contrast to CV traces obtained from Co2+ in electrolytes of poor proton-accepting abilities. In
electrolytes such as S0 42 (Figure 2.8), no electrochemical features of significance are observed
above background for solutions containing 0.5 MM C02+. Only when the Co 2+ ion concentration
is increased by 2 orders of magnitude is a slight enhancement in current observed near the
solvent window at 1.56 V. This current enhancement is anodically shifted >150 mV relative to
the corresponding wave in Pi at drastically lower Co2+ concentration. Electrolyte promotes
catalyst formation; in the absence of an effective proton acceptor, at a given pH, the formation of
a catalyst film is significantly inhibited.
Whereas an active catalyst can be generated on an anodic single scan, films of desired
thickness may be prepared on conducting electrodes (metal or semiconductor) by controlled
potential electrolysis of 0.5 mM Co2+ solutions of Pi, MePi and Bi (Figure 2.3). The bulk
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composition of the films, as determined by elemental analysis and corroborated by EDX, reveals
a lower Co:P ratio for Co-MePi (~5:1) relative to the Co:P ratio of -2:1 observed for Co-Pi. An
even lower anion content is observed for Co-Bi which exhibits a Co:B ratio of 10:1. We note that
the anion composition is balanced by a monovalent cation in all cases, regardless of the Co to
anion ratio. The disparate anion incorporation into the bulk material is not reflected in an
appreciably altered activity, suggesting that a common Co-oxide unit effects catalysis in all
films. Slight difference in the Tafel behavior may result from disparate catalyst loadings between
the samples. The active unit is <5nm in dimension as evidenced by the absence of crystalline
features in the power X-ray diffraction pattern (Figure 2.4) and diffraction patterns in the TEM.
This is in contrast to the structural properties of Co-X materials, which are asserted5 to exhibit
long range ordering corresponding to CoOx crystallites.
An electrolyte environment that has good proton-accepting properties is required for
sustained catalyst activity at appreciable current density. The Pi electrolyte is an efficient proton
carrier and it preserves a stable local pH environment required for high catalytic activity. In
addition, it functions as an acceptor of the protons furnished from water oxidation, and
participates in the PCET activation of Oxygen."1 Alternative electrolytes are able to support
catalysis as long they have sufficient proton-accepting capacity in the pH regime of interest and
are stable under the conditions of catalysis. MePi and Bi electrolytes meet these criteria at pH 8.0
and 9.2, respectively. Co-MePi and Co-Bi films support catalytic activity comparable to that
observed for Co-Pi, as demonstrated by their associated Tafel behaviors (Figure 2.7). We
envision other oxidation resistant buffers would also function in a similar capacity enabling
robust water oxidation catalysis over a large pH range. MePi offers an advantage in being able to
sustain higher concentrations of C02+ relative to either Pi or Bi. Despite the low concentration of
P0 4 3- expected in Pi electrolytes at pH 7.0, the low solubility of Co 3(PO4)2 (Ksp = 2.05 X 10-35)
elicits the slow precipitation of Co2+ from solution.12 Precipitation is instead averted in MePi
electrolyte, where C02+ is indefinitely soluble at 2 mM.
In the absence of efficient proton-accepting electrolytes (e.g., S042-, N0 3 -, C10 4-) proton
buildup results in dramatically reduced current densities that decay over time (Figure 2.9). In
solutions of these counteranions, the Co-oxide catalyst is the best base and consequently the
catalyst is subject to corrosion induced by the protons produced from water splitting. In addition,
catalyst activity is inhibited by changes in local and bulk pH. Bulk pH can reach a steady-state
value in a single compartment cell. However, as expected, and verified by the data in Figure
2.10, significant short circuit current from redox cycling between the anode and cathode stifles
oxygen production. For these reasons, a sustainable water-splitting reaction cannot be achieved
by Co-based catalysts in the absence of proton-accepting electrolytes.
The ability of the electrolyte to maintain the pH during water oxidation is manifested in a
robust and ftnctional catalyst in the presence of 0.5 M NaCl. Direct measurement of Faradaic
efficiency (Figure 2.12) and titrimetry of chloride oxidation products establishes that Co-Pi is
able to produce oxygen from salt water at current efficiencies commensurate with those observed
for pure water. At pH 7.0, the HOCl/CE- redox process has a thermodynamic potential of 1.28 V,
0.46 V beyond the thermodynamic potential for water oxidation to 02. With decreasing pH, the
oxidation of Cl- becomes more thermodynamically competitive with water oxidation. As such, in
the absence of proton-accepting electrolytes (such as Co-X), chloride oxidation will interfere
with water oxidation. The ability of the Pi electrolyte to preserve the pH of the solution allows
02 production to out-compete Cl- oxidation.
2.4 Concluding Remarks
The observations reported herein highlight several attractive properties of this new
oxygen evolving catalyst for water oxidation under benign conditions. High activities for water
oxidation demand the involvement of a proton-accepting electrolyte. The electrolyte facilitates
catalyst formation, allows for high activity for water oxidation, and promotes catalyst
preservation during turnover. By maintaining pH with the electrolyte, the catalyst is able to
produce oxygen from high concentrations of salt water at current efficiencies commensurate with
those observed for pure water.
Water splitting is a solar energy storage mechanism of sufficient scale to address future
global energy needs.13 As we have emphasized, the conditions under which water splitting is
performed will determine how solar energy is deployed.' Commercial electrolyzers are
extremely efficient and operate at current densities as high as 1 A/cm2 . However, commercial
electrolyzers operate under harsh conditions and accordingly they are difficult to maintain and
costly to engineer. Moreover, the current density of commercial electrolyzers is at variance with
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many applications of non-concentrated solar energy. The non-concentrated solar flux (AM 1.5;
100 mW/cm 2) translates to -10 mA/cm2 output for a conventional photovoltaic device (-10-20
% efficiency)14 providing the required voltage (-1.5-1.7 V) for water splitting. With improved
cell and electrode substrate design, the cobalt catalyst described herein will provide these current
densities. Therefore, the CoPi catalyst is well adapted for the design of inexpensive and highly
manufacturable water-splitting systems. These systems extend beyond an electrolyzer. We
demonstrate here that an active catalyst forms immediately following oxidation of Co2 + in
solution suggesting that the cobalt catalysts are amenable to rapid, ultra-thin film
electrodeposition on a wide array of substrates with complicated geometries and large surface
areas, such as those involving nanostructured semiconducting materials.15"16 Of added potential,
since water splitting is not performed in highly acidic or basic conditions, the catalyst is
amenable to integration with charge-separating networks comprising protein,' 7 organic'"',9 and
inorganic 20 constituents. In these systems, the one-photon, one-electron charge separation can be
accumulated by the catalyst to attain the four equivalents needed for water splitting. The ease of
implementation of the catalyst with a diverse array of substrates suggests that the catalyst will be
of interest to many in their endeavors to store solar energy by water splitting.
2.5 Experimental Methods
Materials. Co(N0 3)2 99.999% was used as received from Aldrich or Strem. CoSO 4 98%
was used as received from J.T. Baker. MePO 3H2 98%, NaH2PO4 99.0%, KOH 85%, imidazole
99.5% and tetrasodium ethylenediaminetetraacetic acid (EDTA) salt hydrate 98% were used as
received from Aldrich. NaOH, NaCl, H3B0 3, and KH2PO4 were used as received from
Mallinckrodt. All electrolyte solutions were prepared with reagent grade water (Ricca Chemical,
18 MQ-cm resistivity) and filtered prior to use. Indium-tin-oxide coated glass slides (ITO) were
purchased from Aldrich. All experiments used ITO with 8-12 92/sq surface resistivity.
Conductive thermoplastic silver composition, Dupont 4922N, was purchased from Delta
Technologies.
Electrochemical Methods. All electrochemical experiments were performed at ambient
temperature with CH Instruments 730C or 760C potentiostats, or a BASi CV50W potentiostat
and a BASi or CH Instruments Ag/AgCl reference electrode. All electrode potentials were
converted to the NHE scale using E(NHE) = E(Ag/AgCl) + 0.199 V. Unless otherwise stated, the
electrolytes were 0.1 M sodium methylphosphonate at pH 8.0 (MePi electrolyte) or 0.1 M
potassium borate at pH 9.2 (Bi electrolyte).
Cyclic Voltammetry. A 0.07 cm2 glassy carbon button electrode was used as the
working electrode and Pt wire as the auxiliary electrode. The working electrode was polished for
60 s with 0.05 pm alumina particles and sonicated 2 x 30 s in reagent grade water prior to use.
Cyclic voltammograms (CVs) were collected at 50 mV/s and 0.01 or 0.1 mA/V sensitivity in all
cases. To illustrate deposition upon oxidation, a polished electrode was used to record a CV in
0.5 mM Co2+ solutions with switching potentials of 1.05 V and 0.85 V (vs. NHE) in MePi and
Bi electrolyte respectively. After the first full scan, the electrode was removed, rinsed with
reagent grade water, and placed back into a Co-free electrolyte solution. A CV with a 1.28 V and
1.21 V switching potential was recorded for MePi and Bi electrolyte respectively. Upon
polishing the electrode, a clean background was observed. For all CVs taken in 0.1 M K2S0 4 and
0.1 M NaClO 4 the pH was adjusted to 7.0 with addition of dilute KOH and NaOH respectively
prior to the experiment. In all cases, CVs were taken with iR compensation.
Bulk Electrolysis and in situ Catalyst Formation. Bulk electrolyses were performed in
a two-compartment electrochemical cell with a glass frit junction of fine porosity. For catalyst
electrodeposition, the auxiliary compartment was charged with 40 mL of MePi or Bi electrolyte
and the working compartment was charged with 40 mL of MePi or Bi electrolyte containing 1.0
mM Co2+ (0.5 mM Co 2+ in the case of Bi). The working electrode was a 1 x 2.5 cm2 piece of
ITO-coated glass cut from a commercially available slide and coated with a 0.3-0.5 cm wide
strip of silver composition along one 1 cm edge. Typically, a 1 x 1.5 cm 2 area of the electrode
was immersed in the solution. Pt mesh was used as the auxiliary electrode. Electrolysis was
carried out at 1.30 V without stirring (stirred for depositions from Bi electrolyte, see below) and
without iR compensation and with the reference electrode placed a few mm from the ITO
surface. For experiments utilizing films prepared from Pi, the above procedure was followed
with substitution of MePi or Bi by 0.1 M potassium phosphate at pH 7.0 (Pi) and 0.5 mM C02+
Activity in Poor Proton-Accepting Electrolytes. The anodes coated with the Co-X were
prepared using a Ni foil substrate in a controlled current electrolysis at 8 mA/cm2 for 300
seconds. Depositions were performed from 0.5 M CoSO4 solutions using a single compartment,
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three electrode setup equipped with a Ni foil auxiliary electrode. A two compartment
configuration was deemed unsuitable because of dramatic precipitation of Co2+ species in the
auxiliary chamber over the course of electrolysis. Ni foil was chosen as the anode substrate
because the patent Co catalyst material exhibited more robust adhesion to Ni over ITO. For the
side-by-side comparison with a proton-accepting electrolyte, the amorphous catalyst film was
also deposited on a Ni foil substrate from Pi electrolyte, pH 7.0, containing 0.5 mM Co2+. In this
case, electrolysis was operated in a conventional two compartment cell. Electrodeposition at 1.40
V was carried out until 2 C/cm2 was passed. Upon conclusion of the deposition of the amorphous
phosphate-grown catalyst and the patented Co catalyst material, each electrode was rinsed with
water and placed into the working compartment of a two compartment electrolysis cell
containing Pi electrolyte, pH 7.0 or 0.1 M K2S0 4 (for Co-X), pH 7.0. Electrolysis at 1.30 V was
initiated with stirring and without IR compensation (Figure 2.3).
Tafel Plot Data Collection. Current-potential data were obtained by performing bulk
electrolyses in MePi and Bi electrolytes at a variety of applied potentials in two-compartment
cells containing 40 mL of fresh electrolyte on each side. Prior to data collection, the solution
resistance was measured with a clean ITO electrode using the iR test function. A 1.5 cm 2 catalyst
film prepared from an electrodeposition that passed 8 C/cm2 (MePi), or 15 C/cm2 (Bi) was then
transferred, without drying, to a cell prepared as above. The electrode was placed in the same
configuration with respect to the reference electrode as was the ITO electrode that was used to
measure the solution resistance. Steady-state currents were measured at a variety of applied
potentials while the solution was stirred, proceeding in 25 mV steps between 1.25-1.05 V for
MePi and 1.18-1.00 V for Bi. Typically, the current reached a steady state at a particular
potential in 2-5 minutes. Measurements were made twice. The variation in steady-state current
between two runs at a particular potential was <5%. The solution resistance measured prior to the
data collection was used to correct the Tafel plot for iR drop (Figure 2.7).Tafel data for films
prepared from Pi was collected as described in reference 1.
Elemental Analyses. Microanalyses were performed by Columbia Analytics in Tucson,
AZ. In all cases catalysts were prepared on large surface area ITO or FTO-coated glass slides
using 0.5 mM or 1 mM C02+ solutions. All slides were rinsed with reagent-grade water and
allowed to dry in air. The electrodeposited material was carefully scraped off using a razor blade
and the material was submitted for microanalysis. The mole ratios are shown in Table 2.1.
Scanning Electron Microscopy (SEM) and Energy-dispersive X-ray analysis (EDX).
SEM images and EDX spectra were obtained with a JSM-5910 microscope (JEOL) equipped
with a Rontec EDX system. Following electrodeposition, catalyst samples were rinsed with
deionized water and allowed to dry in air before loading into the instrument. Images were
obtained with an acceleration voltage of 4-5 kV and EDX spectra were obtained with
acceleration voltages between 10 kV and 12 kV.
Powder X-ray Diffraction and Transmission Electron Microscopy. Powder X-ray
diffraction patterns for films grown in Pi and MePi were obtained with a Rigaku RU300 rotating
anode X-ray diffractometer (185 mm) using Cu Ka radiation (k = 1.5405 A). Powder X-ray
diffraction data for a film grown in Bi was collected on a PANalytical X'Pert Pro diffractometer
using Cu Ka radiation (k = 1.5405 A) (Figure 2.4). The features present in the powder
diffraction pattern correspond to crystallites found in the ITO substrate. No non-ITO peaks are
observed for catalysts prepared from either MePi or Bi indicating that the electrodeposited films
are amorphous. TEM images were collected on a JEOL 200CX General Purpose instrument by
depositing dry Co-Pi material on a carbon grid and Cu support. No crystalline domains and
diffraction peaks in the electron diffraction pattern were observed. The length scale for detection
was 5 nm.
NMR Analysis of Catalyst Films. NMR spectra were obtained using a Varian Mercury
300 or Varian Inova 500 NMR spectrometer. Catalysts were prepared on two 9 cm2 ITO
substrates from electrodepositions that passed 15 and 25 C/cm2. The slides were rinsed with
reagent-grade water and allowed to dry in air. The electrodeposited material was carefully
scraped off using a razor blade and the combined material (2-3 mg) was dissolved in 200 pL of 1
M HCl to yield a pale green solution. The pH was raised with the addition of 200 pL of 2 M
imidazole and 40 mg of EDTA was added to chelate the Co ions. In the absence of chelation of
Co 2 with EDTA, the 3 1P NMR signals are broad and accordingly difficult to integrate. A
3 1P{'H} spectrum was obtained using a 10 second acquisition delay time to allow for more
accurate integration (Figure 2.6). Phosphate (4.26 ppm) and methylphosphonate (23.26 ppm) in a
ratio of ~3:1 are the only major species observed. The identity of each was verified by
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introduction of authentic phosphate and methylphosphonate to the NMR tube after the
experiment.
NMR Analysis of Electrolyzed Solution. NMR spectra were obtained using a Varian
Mercury 300 or Varian Inova 500 NMR spectrometer. In situ catalyst formation and prolonged
electrolysis was conducted in a small two-compartment electrochemical cell containing 5 mL 0.1
M electrolyte and 1 mM Co2+ in the working compartment of the cell and 4 mL of electrolyte
without C02+ in the auxiliary compartment. Electrolysis was initiated at 1.1 V without iR
compensation and allowed to proceed with stirring until 86.7 C (1.80 equiv. electrons with
respect to methylphosphonate in the working compartment; 180 equiv. with respect to C02+ in
the working compartment) had been passed through the solution over 22 h. 31P{H} and 1H
NMR spectra of the electrolyzed solution from each compartment of the cell were then obtained.
The 3 1P resonance of the starting electrolyte is 21.76 ppm (referenced externally to 85% H3 PO4)
and its 'H resonance is 1.05 ppm (JH-P = 15.5 Hz) (referenced to TMS using the H20 peak (4.80
ppm)). The 3 1P resonance of the solution from the working side is shifted downfield to 24.86
ppm and 'H resonances of the solution are shifted downfield 1.22 ppm (JH-P = 16.5 Hz),
reflecting a drop in pH to 6.3 over the course of the electrolysis. The 3 1P resonance of the
solution in the auxiliary compartment is shifted upfield to 21.07 ppm and 'H resonances of the
solution are shifted upfield to 1.00 ppm (JH-P = 16.5 Hz), reflecting a pH increase to 11.9. We
believe that these pH changes are a consequence of preferential Na* transport vs. H+ transport
([Na*]>10 7[H*]) through the glass frit during electrolysis. Methylphosphonate is the only
observed phosphorus containing species in either compartment of the cell.
Mass Spectrometry. An Agilent Technologies 5975C Mass Selective Detector operating
in electron impact ionization mode was used to collect mass spectrometric data. The experiment
was performed in a custom built two-compartment gas-tight electrochemical cell with gas inlet
and outlet ports and a glass frit junction. One compartment contained the working and reference
electrodes and the other compartment contained the auxiliary electrode. The catalyst used was
prepared from an electrodeposition that passed 8.5 C/cm 2 . Electrolyte (pH 8.0) containing 18.9%
18 OH2was degassed by bubbling with ultra high purity He for 2 h with vigorous stirring and it
was transferred to the electrochemical cell under He. The cell was connected to the He carrier
gas and mass spectrometer and purged for several hours before data collection. The mass
spectrometer was operated in selective ion mode with detection of 28 (N2), 32 (16,1602), 34
(18'1602), 36 (18'1802), 35 (Cl2 fragment) and 44 (C0 2) amu ions. The 28 amu signal was used to
determine the residual air background. Before electrolysis was initiated, the 28/32 signal ratio
was stable at 3.32. This ratio was used to obtain the background 32 ion signal at all points during
the experiment. The background 34, 36, and 44 ion signals were stable at 80, 50 and 400,
respectively, prior to electrolysis and these values were used as the 34, 36, and 44 ion
backgrounds for all points. The 35 ion signal was monitored to determine if any C12 was
produced during electrolysis via oxidation of adventitious Cl- originating from the reference
electrode. This signal remained at baseline level throughout the experiment. Electrolysis was
allowed to proceed for 1 h at 1.29 V without iR compensation while the MS singles were
monitored (Figure 2.5). The inset of Figure 2.5 shows the percent abundance of each 02 isotope
over the duration of the experiment. Average observed abundances ±2a are reported about each
line. Statistical abundances: 65.8%, 30.6%, and 3.6%. A similar experiment was used to detect
Cl2 emanating from a 0.5M NaCl solution (Pi electrolyte, pH 7.0) upon electrolysis at 1.30 V.
The mass spectrometer was operated in selective ion mode with detection of 28 (N2), 32 (02), 35
(C12 fragment), 37 (C12 fragment), 70 , 72, and 74 (C12 isotopes). The signals corresponding to
C12 fragments and isotopes remained at baseline level throughout the experiment.
Determination of Faradaic Efficiency. An Ocean Optics oxygen sensor system was
used to detect 02 quantitatively. The experiment was performed in a custom built two-
compartment gas-tight electrochemical cell with a 14/20 port on each compartment and a
Schlenk connection with a Teflon valve on the working compartment. The appropriate
electrolyte (MePi at pH 8.0, Bi at pH 9.2, or Pi with 0.5 M NaCl at pH 7.0) was degassed by
bubbling with high purity N 2 for 2 h with vigorous stirring and it was transferred to the
electrochemical cell under N2. One compartment contained a Pt mesh auxiliary electrode and the
other compartment contained the working and Ag/AgC1 reference electrodes. Catalysts were
prepared from electrodepositions that passed 7 C/cm 2 (for MePi and Bi studies) and 10 C/cm2
(for NaCl studies). The reference electrode was positioned several cm from the surface of the
catalyst. The 14/20 port of the working compartment was fitted with a FOXY OR125-73mm 02
sensing probe connected to a MultiFrequency Phase Fluorometer. The phase shift of the 02
sensor on the FOXY probe, recorded at 10 s intervals, was converted into the partial pressure of
02 in the headspace using a two-point calibration curve (air, 20.9% 02; and high purity N2, 0%
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02). After recording the partial pressure of 02 for 1 h in the absence of an applied potential,
electrolysis was initiated at 1.30 V without iR compensation.
For determination of Faradic efficiency in the MePi, electrolysis with 02 sensing was
continued for 8.0 h (57 C passed). Upon terminating the electrolysis, the 02 signal reached a
plateau over the course of the next 3 h. During this time the 02level had risen from 0% to 6.25%.
At the conclusion of the experiment, the volume of the solution (48.5 mL) and the volume of the
headspace (54.2 mL) in the working compartment were measured. The total charge passed in the
electrolysis was divided by 4F to get a theoretical 02 yield of 147.7 ptmol. The measured partial
pressure of 02 was corrected for dissolved 02 in solution using Henry's Law and converted,
using the ideal gas law, into a measured 02 yield of 145.4 gmol (98.5%).
For determination of Faradic efficiency in the Bi, electrolysis with 02 sensing was
continued until 50 C passed. Upon terminating the electrolysis, the 02 signal reached a plateau
over the course of the next 3 h. During this time the 02level had risen from 0% to 7.46%. At the
conclusion of the experiment, the volume of the solution (65.0 mL) and the volume of the
headspace (42.0 mL) in the working compartment were measured. The total charge passed in the
electrolysis was divided by 4F to get a theoretical 02 yield of 129.6 ptmol. The measured partial
pressure of 02 was corrected for dissolved 02 in solution using Henry's Law and converted,
using the ideal gas law, into a measured 02 yield of 135.0 pmol (104.2%).
For determination of Faradaic efficiency in the presence of NaCl, electrolysis with 02
sensing was continued at 1.30 V for 15.1 h (35 C passed). Upon terminating the electrolysis, the
02 signal reached a plateau over the course of the next hour. During this time, the 02 level had
risen from 0% to 5.39%. At the conclusion of the experiment, the volume of the solution (61.5
mL) and the volume of the headspace (40.0 mL) in the working compartment were measured.
The total charge passed was divided by 4F to produce a theoretical 02 trace (Figure 2.12) and the
measured partial pressure of 02 was corrected for dissolved 02 in solution using Henry's law and
converted, using the ideal gas law, into an observed 02 trace (Figure 2.12).
For determination of Faradaic efficiency from a single compartment electrolysis, an
electrode was prepared from 0.5 M CoSO4 using a Ni foil substrate in a controlled current
electrolysis at 6 mA/cm2. A single compartment, three electrode setup equipped with a Ni foil
auxiliary electrode was used for the depositon. Upon conclusion of the deposition, the electrode
was rinsed and placed in the gas-tight cell for Faradaic efficiency measurement. All three
electrodes, working, Pt auxiliary, and Ag/AgC1 reference were contained in a single
compartment. Electrolysis was continued for 20,000 sec at a constant current of 3 mA with
stirring. Upon terminating the electrolysis, the 02 signal reached a plateau over the course of the
next 3 hours. During this time, the 02 level had risen from 0% to 3.33%. At the conclusion of the
experiment, the volume of the solution (60.0 mL) and the volume of the headspace (48.5 mL) in
the working compartment were measured. The total charge passed was divided by 4F to produce
a theoretical 02 trace (Figure 2.10) and the measured partial pressure of 02 was corrected for
dissolved 02 in solution using Henry's law and converted, using the ideal gas law, into an
observed 02 trace (Figure 2.10).
N,N-Diethyl-p-phenylenediamine (DPD) Titrimetry. Upon conclusion of 16 h of
controlled potential electrolysis at 1.30 V on a solution containing 0.1 M KPi at pH 7.0 and 0.5
M NaCl, 10 mL of solution from the working compartment (40 mL total volume) was diluted 10-
fold with reagent grade water. The solution was combined with 5 mL of Pi solution, 5 mL of
DPD indicator solution and 1 g of Nal as described in the literature.9 A pink color rapidly
formed. Titration with 1.65 mL of standard ferrous ammonium sulfate solution led to the
complete loss of color. The molar amount of oxidized chloride species was calculated as
described in the literature.9 The same experiment conducted on 10 mL of solution from the
auxiliary compartment failed to detect any oxidized chloride species.
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3.1 Introduction
In chapters 1 and 2, a water oxidation catalyst, Co-Pi, that deposits on electrode surfaces
upon application of anodic potentials in neutral phosphate-buffered water containing Co 2 was
described.' Co-Pi exhibits high activity under benign conditions and has the ability to undergo
repair2 upon cycling between applied and open circuit potentials (OCP). In addition, Co-Pi is
readily interfaced with a variety of conductive and semiconductive surfaces via either
electrodeposition 3- or photodeposition processes. This attribute makes Co-Pi a particularly
attractive candidate for the development of catalyst-functionalized photoelectrodes that drive
direct water oxidation upon illumination.
Elucidation of Co-Pi's chemical structure and valency during catalysis is an essential step
towards gaining a mechanistic understanding of water oxidation. Moreover, structural insights
provide a starting point for the construction of structure-activity relationships in water oxidation
catalysts prepared via electrodeposition, potentially informing the development of more active
catalysts. The construction of such structure activity relationships, however, is impeded by the
amorphous nature of the Co-Pi catalyst within the resolution of powder X-ray diffraction and
transmission electron microscopy.'18 7 In the absence of crystallites, X-ray absorption
spectroscopy (XAS) provides a powerful tool for the elucidation of local structure. A recent XAS
study of Co-Pi was reported wherein the catalyst was quickly frozen after electrodeposition and
spectra were collected ex situ.8 This study proposed a corner-sharing Co-oxo cubane architecture
for Co-Pi. Here we describe room temperature in situ XAS of Co-Pi during catalytic turnover for
both extremely thin films of approximate monolayer thickness and somewhat thicker films with
>1Ox more material. Our in situ experiments provide insight into Co valency during catalysis and
valency changes when an applied potential is removed. In addition, our studies lead us to a
structural model that differs from that of the previous study. Based on structural parameters
extracted from fits to the EXAFS data of the Co-Pi with two different thicknesses and
comparisons with EXAFS spectra of Co oxide compounds, we propose that Co-Pi consists of Co
oxo/hydroxo clusters of molecular dimensions. The clusters consist of edge-sharing C006
octahedra, the same structural motif found in the extended planes of the cobaltates. However,
unlike cobaltates, which are stable to water at Co valencies > 3.4, Co-Pi is an active water
oxidation catalyst when the Co valency is raised above 3. To further characterize these Co(IV)
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centers in the catalytic material, ex situ EPR studies were undertaken that confirm the existence
of S=1/2, formally Co(IV) centers in the film that grow in population as the electrode is further
polarized. Together, these results suggest that the high catalytic activity of Co-Pi may result from
the small size of the constituent Co-oxo/hydroxo clusters and the ability to accumulate and
discharge catalytically active Co(IV) species at low potentials.
3.2 Results
3.2.1 In situ X-ray absorption spectroscopy
Cobalt K-edge X-ray absorption spectroscopy (XAS) was performed at room temperature
on freshly prepared Co-Pi catalysts in situ at open circuit (OC) and during active catalysis. These
experiments employed a modified two-compartment electrolysis cell containing an X-ray
transparent mylar window, the solution-facing side of which was coated with a thin layer of
indium-tin-oxide (ITO) (Figure 3.1). The ITO served as the working electrode upon which the
Co-Pi catalyst was deposited. X-ray absorption was measured as a fluorescence excitation
spectrum. This configuration prevented interference from the electrolyte solution or bubbles that
formed during catalysis.
XAS spectra reflect the electronic and structural environment of the major metal ion
species in a sample. In the case of Co-Pi, the majority of Co ions in a thick film may not be
exposed to the electrolyte and therefore may not be able to participate in catalysis. To ensure that
XAS spectra were representative of electrolyte-exposed Co-Pi, we sought the lower limit of the
electrolyte catalyst layer
02 - ITO
mylar
Figure 3.1. Sample configuration for in situ XAS data collection. The ITO-coated mylar window served as the
working electrode. Reference and auxiliary electrodes are omitted for clarity.
amount of electrodeposited Co-Pi that would yield spectra with acceptable signal-to-noise ratios.
To prepare these extremely thin samples, electrodepositions from solutions of 0.5 mM Co2+ in
0.1 M KPi were carried out at 1.1 V. At this potential, H20 oxidation activity of the deposited
catalyst is minimal and essentially all of the current can be attributed to Co2+/3+ oxidation events.
Spectra with acceptable signal-to-noise ratios were obtained with as little as 300 piC/cm 2 of
charge passed in a deposition, corresponding to 3 nmol/cm2 as the upper limit for the amount of
Co in the deposited material. For a Co-Co distance of 2.82 A and hexagonal arrangements of Co
ions (vide infra), 3 nmol/cm 2 of Co corresponds to a few monolayers of coverage of Co-Pi.
Given the amorphous nature of Co-Pi, this extremely low level of coverage likely ensures that
nearly all of the Co-Pi material is exposed to electrolyte during catalysis. Such an extremely thin
sample, hereafter referred to as "surface Co-Pi", therefore mimics the surface of a thicker
sample.
After the deposition of a surface Co-Pi sample, the working compartment was rinsed and
refilled with Co2+-free KPi. A potential of 1.25 V was applied to the catalyst and XAS spectra
were collected. Because of the small amount of Co ions in the sample, a total of 32 scans were
averaged to yield the spectrum in Figure 3.2. Sustained currents indicative of water oxidation
were observed throughout the course of data collection.
Following data collection at 1.25 V, the cell was switched to OC and four near edge scans
were obtained during which the OCP was monitored. Losses of intensity and monotonic shifts to
lower edge energies were observed in successive scans. This result is indicative of the formation
of Co2+ at OCP (vide infra) and concomitant dissolution of surface Co-Pi, a phenomenon that has
been detected in 57Co labeling experiments.19 The time scale of OCP decay observed during
XAS data collection is similar to that observed independently on films of similar thickness in the
absence of irradiation. Thus, X-ray induced photo-reduction if expected to play a minor role in
the progressive formation of Co 2+. Catalyst dissolution is reversed during operation of the
catalyst, engendering its self-healing properties.
In addition to the surface Co-Pi sample, a thicker sample, hereafter designated as "bulk
Co-Pi", was prepared by performing electrodepositions at a higher potential than that used for
the preparation of surface Co-Pi. Bulk Co-Pi was prepared at 1.25 V until 60 mC/cm2 of charge
was passed. Because deposition coincides with water oxidation at this potential, the amount of
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charge passed does not directly indicate the amount of Co3+ ions deposited at 1.25 V. However,
CV measurements of independently prepared films indicate that the Co-Pi sample prepared under
these conditions contains approximately 40-50 nmol/cm2 of Co ions. We note that in previous
reports, Co-Pi was typically prepared via electrodeposition at 1.3 V for much longer durations
than in the procedure used here for bulk Co-Pi, resulting in much thicker films.18 ,19, 22,24,25 The
preparations are similar, however, in that at 1.25 V and 1.3 V deposition coincides with water
oxidation catalysis.
After deposition of bulk Co-Pi, the working compartment was rinsed and refilled with
Co2+-free electrolyte and a potential of 1.25 V was applied to the electrode for 200 s. The cell
was then switched to OC and one near edge scan was collected during which the OCP was
monitored. The OCP decayed monotonically from 1.1 V to 1.04 V over the 10 min of data
collection. Following acquisition of the near edge spectrum at OC, the cell was switched back to
1.25 V. Four full scans were collected at this potential while water oxidation catalysis proceeded.
A current density > 40 pA/cm 2 was sustained throughout the course of data collection.
3.2.2 XANES spectra
The X-ray absorption near edge structure (XANES) spectra for surface Co-Pi and bulk
Co-Pi during catalysis at 1.25 V are shown in Figure 3.2a. Also included are the spectra for solid
samples of the Co2+ and C03+ oxide model compounds CoO and CoO(OH), respectively. The
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Figure 3.2. Room temperature XANES spectra for Co-Pi samples and model compounds: (a) Surface Co-Pi at
1.25 V (-), bulk Co-Pi at 1.25 V (-), CoO(OH) (-), and CoO (-). (b) Surface Co-Pi at OCP (-) and 1.25 V(-), bulk Co-Pi at OCP (-) and 1.25 V (-). Inset: open circuit potential vs. time.
edges for the Co-Pi samples are approximately 4 eV higher in energy than that of CoO and are
much closer to that of CoO(OH). The edge positions observed here are therefore consistent with
an average Co valency > 3 for the Co-Pi samples, although it is difficult to determine metal
valency based only on XANES spectra due to their sensitivity to geometry and ligand
environment. A Co valency 3 is additionally supported by electrochemical data (vide infra) and
recent EPR detection of Co 4 in Co-Pi samples.9 The shapes of the edges for bulk Co-Pi and
surface Co-Pi are very similar and a comparison of the inflection points obtained from the
second derivative plots indicates that the edge of the bulk sample is 0.3 eV higher than the edge
of the surface sample. This result is consistent with a greater Co valency in the relatively thick
bulk Co-Pi sample compared to the thinner surface Co-Pi sample.
The XANES spectra for bulk Co-Pi and surface Co-Pi at OC are shown in Figure 3.2b.
For comparison, XAS spectra collected on catalyst films held at 1.25 V are shown again. Also
shown in Figure 3.2b are the OCP vs. time traces for both samples over the 10 min required to
obtain the near edge scan at OC (inset). Importantly, these OCP traces indicate that the spectra
do not reflect a Co-Pi catalyst at steady-state. The OCP of bulk Co-Pi exhibits a smooth decay of
ca. 60 mV over the course of data collection and the OCP of surface Co-Pi exhibits a much more
drastic drop of >200 mV. The XANES spectrum of bulk Co-Pi at OC is shifted lower in energy
by ca. 0.3 eV relative to the bulk Co-Pi spectrum at 1.25 V. Successive switching between OC
and 1.25 V for bulk Co-Pi reproduces this edge shift. Consistent with the more rapid decay in
OCP, the XANES spectrum of surface Co-Pi at OC exhibits a ca. 1 eV shift to lower energy
relative to the corresponding spectrum at 1.25 V. Together, these results indicate a continuous
reduction of the Co-Pi catalyst upon switching from a potential sufficient for sustained water
oxidation catalysis to OC. A larger fraction of the Co ions in the surface Co-Pi sample are
reduced in a given time period relative to the bulk Co-Pi sample.
3.2.3 EXAFS spectra
The Fourier transform (FT) EXAFS spectra for surface Co-Pi at 1.25 V, bulk Co-Pi at
1.25 V and CoO(OH) are shown in Figure 3.3. In the FT spectra, the abscissa is apparent
distance (R'), which is shorter than the actual distance between a given absorber-back-scatterer
pair of atoms due to a phase shift. Compared with the spectra for CoO and C030 4, the EXAFS
spectrum for CoO(OH) bears a much stronger resemblance to the spectra of the Co-Pi samples.
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Figure 3.3. Fourier transform room temperature EXAFS spectra for bulk Co-Pi (-), surface Co-Pi (-) and
CoO(OH) (-).
All three data sets in Figure 3.3 show two prominent peaks (peaks I and II) in different ratios.
These peaks reflect Co-O and Co-Co vectors, respectively, as indicated by the EXAFS fits (vide
infra). For CoO(OH), peak II is more intense than peak I, whereas the opposite is true for the Co-
Pi samples. Notably, the intensity of peak II is greater for bulk Co-Pi than for surface Co-Pi,
reflecting a larger average number of Co-Co vectors per Co ion in bulk Co-Pi compared to
surface Co-Pi. The FT for CoO(OH) clearly shows other prominent features in the regions
designated as peaks III and IV. These features are consistent with contributions from scattering
interactions in outer shells, as expected for the crystalline CoO(OH) sample. Much weaker
features are present in the FT for bulk Co-Pi at peaks III and IV. For surface Co-Pi, only a very
small feature at peak III is distinguishable from the background.
Curve fitting analysis. Structural parameters were obtained for surface and bulk Co-Pi
by curve fitting the spectra. To aid this analysis, curve fitting was first performed for the
spectrum of CoO(OH) (Table 3.1) for which the crystal structure is knownlo (Figure 3.4, left).
An excellent fit to this spectrum was obtained by including backscatterer atoms of 5 paths up to
5.8 A away and fixing the number of neighbors in each shell (N value) to those determined from
the CoO(OH) crystal structure (Figure 3.4 and Table 3.1). Actual distances (R) determined from
this fit closely matched the crystallographic distances for the first two shells (Peaks I and II) and
were within 0.05 A of these values for outer shells (Peaks III and Peak IV region) (Figure 3.3).
The peak IV region includes a long multiple scattering path (Co-Co-Co) that arises from the
linear arrangement of three oxo-bridged Co ions. The value for the damping factor (So2) obtained
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Figure 3.4. CoO(OH) model compound: (left) X-ray crystal structure of CoO(OH). (right) Fit (-) to the 1-6 A
region of the room temperature EXAFS spectra (-) in R-space. Parameters derived from the fit are given in
Table 3.1.
from this fit, 0.75, was used in the fits for bulk and surface Co-Pi because of the similarity of the
spectra of CoO(OH) with that of Co-Pi. As the values of N and a2 are highly correlated in
EXAFS, this fit to bulk CoO(OH) utilized fixed N values and variable a2 values. The a2 values
extracted from the fit were used (vide infra) to model Co-Pi, wherein the extent of intermediate
range order and, thus, the N values are unknown.
Table 3.1. CoO(OH) EXAFS fitting parameters
Path R (A) AEO RfXRD EXAFS N 2 (A-2) (eV) (%)
1.2 3.4CoO 1.90 1.90(1) 6.0 0.004(1) (1.1)
CoCo 2.85 2.850(8) 6.0 0.005(1)
CoO* 3.83 3.78(3) 6.0 0.006(3)
CoCo 4.94 4.98(3) 6.0 0.009(3)
CoCo** 5.71 5.76(2) 6.0 0.004(1)
Fitting region: 1 5 R(A) < 6; Bold numbers indicate fixed values. Values in parentheses are uncertainties.
* interlayer interactions; ** multiple scattering path, Co-Co-Co
A good fit to the EXAFS spectrum for surface Co-Pi was obtained by including only two
absorber-backscatterer pairs (Figure 3.5a and Table 3.2). Since the features at R' > 3 A are
extremely weak, only features up to R' = 3 A were considered in the curve fitting. As with
CoO(OH) and bulk Co-Pi (vide infra), peak I in the FT corresponds to a Co-O vector with R =
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1.89 A. If N for this vector is fixed to 6.0, the corresponding a 2is found to be 0.003 A-2. Since 6
is the preferred coordination number for Co 3 , we used 0.003 A-2 as a fixed value for this a2 in
the fitting procedure for both surface and bulk Co-Pi. Peak II corresponds principally to a Co-Co
vector with R = 2.82 A. The a2 for this vector was fixed to the value obtained from the best fit to
the CoO(OH) spectrum (0.005 A- 2). With this value, which we consider to be a reasonable lower
limit (vide infra), the best fit for the surface Co-Pi spectrum was obtained with N = 3.4. The
inner shell Co-O and Co-Co distances are consistent with Co ions linked by oxo or hydroxo
bridges." The weak peak III feature in the surface Co-Pi spectrum can be fit with a longer
multiple scattering Co-O vector at R = 3.8 A. However, the uncertainty for the parameters
extracted from this peak is large due to its weak intensity and the improvement in the quality of
the fit is marginal.
As with surface Co-Pi, a good fit was obtained for the bulk Co-Pi spectrum by including
only two absorber-backscatterer interactions (Figure 3.5b and
Table 3.3, Fit #1). Peaks I and II correspond to Co-O and Co-Co vectors with R = 1.89
A and 2.81 A, respectively. However, the N value for the 2.81 A Co-Co vector is increased to
4.5 for bulk Co-Pi compared to 3.4 for surface Co-Pi with the same fixed value for a2 (0.005 A-
2). In addition to a stronger peak II that is reflected in this increased N value, the bulk Co-Pi
spectrum has somewhat stronger features at R' > 4 A (peak IV region) relative to the surface Co-
Pi spectrum. Additional Co-Co vectors at 4.84 A and 5.69 A are required to fit these features,
the longer of which could correspond to a multiple scattering path from three collinear Co ions
(Figure 3.5c and
Table 3.3, Fit #2). Analogous vectors are required to fit much stronger peak IV features
in the CoO(OH) spectrum. The a2 values obtained for these vectors in the best fit to the
CoO(OH) spectrum were used as fixed values for the fit to the bulk Co-Pi spectrum. Together,
the increased N value for the nearest neighbor Co-Co vector and the spectral features associated
with longer Co-Co vectors indicate the presence of larger Co-oxo/hydroxo clusters in bulk Co-Pi
relative to surface Co-Pi.
Table 3.2. Surface Co-Pi EXAFS curve fitting parameters
Path R (A) N 2 (A-2) O
1.1 1.4CoO(ab) 1.890(8) 6.0(5) 0.003 (1.2)
CoCo(ac) 2.82(1) 3.4(3) 0.005
Fitting region: 1 5 R(A) 5 3
Bold numbers indicate fixed values. Values in parentheses are uncertainties.
The a2 value of the Co-Co vector was fixed to the value obtained from the CoO(OH) curve fitting
Table 3.3. Bulk Co-Pi EXAFS curve fitting parameters
Fit # Path R (A) N a2 (A-2) (Eo Xv 2 (%
2.1 3.8 2.2
1 CoO(ab) 1.890(7) 6.0(4) 0.003 (0.7)
CoCo(ac) 2.82(1) 4.5(6) 0.005
2.1 3.5 1.7
2 CoO(ab) 1.890(7) 6.0(4) 0.003 (0.7)
CoCo(ac) 2.820(6) 4.5(3) 0.005
CoCo(af) 4.84(6) 3(3) 0.009
CoCo(ag)** 5.69(4) 2(1) 0.004
Fitting regions: 1 5 R(A) 5 3 (Fit 1) and 1 5 R(A):5 6 (Fit 2)
Bold numbers indicate fixed values. Values in parentheses are uncertainties.
The G 2 value of the Co-Co vector was fixed to the value obtained from the CoO(OH) curve fitting.
Xv2 is the reduced x2 value. See experimental section for details.
** multiple scattering path, Co-Co-Co
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Figure 3.5. Fits (-) to the room temperature Co-Pi EXAFS spectra (-): (a) Fit to surface Co-Pi over a 1-3 A
range in R-space. (b,c) Fits #1 (1-3 A in R-space) and #2 (1-6 A in R-space) to bulk Co-Pi. Parameters derived
from the fits are given in Table 3.2 and
As in the surface Co-Pi spectrum, the origin of peak III in the bulk Co-Pi spectrum is
inconclusive due to its weak intensity. Risch et al. have suggested the possible contribution of a
Co-K vector to the corresponding peak III in their ex situ data.25 However, attempts to
incorporate Co-K vectors into the fits for the data here were unsuccessful, leading to
substantially increased error values or negligible effects on the fitting quality. To determine the
effect of K* on the EXAFS spectrum explicitly, a Co-Pi catalyst was prepared under identical
conditions to the bulk sample described above with sodium phosphate used in place of potassium
phosphate and spectra were collected as described above. The substitution of Na* for K* does not
have a significant effect on Co-Pi activity. A comparison of the FT EXAFS for bulk Co-Pi
prepared in KPi and NaPi electrolyte is shown in Figure 3.6. The spectrum of Co-Pi prepared
with NaPi is similar although not identical to the spectrum of Co-Pi prepared with KPi. The FT
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Figure 3.6. Comparison of room temperature FT EXAFS data for bulk Co-Pi prepared from KPi (-) and NaPi
(-).
of the sample prepared from NaPi shows a slightly higher ratio of peak I to peak II and stronger
features for R' > 3 A. Fitting the data to a model with four absorber-backscatterer pairs yields
structural parameters similar to those of the sample prepared in KPi, although the N values are
higher for the longer vectors. Since K* is a stronger scatterer than Na*, peaks that result from a
Co-K vector in the FT of the Co-Pi EXAFS data are expected to be reduced upon substitution
with Na'. The stronger features at R' > 3 A in the EXAFS of Co-Pi samples prepared in NaPi are
therefore inconsistent with the presence of significant Co-K vectors in the EXAFS of the surface
and bulk Co-Pi samples described here.
3.2.4 EPR spectroscopy
For EPR spectroscopy studies, Co-Pi catalyst films were electrodeposited onto ITO or
FTO substrates by bulk electrolysis of aqueous 0.5 mM solutions of Co(II) nitrate in 0.1 M
potassium phosphate, pH 7.0 (Pi electrolyte) at potentials greater than 1.0 V (all potentials in this
study are reported vs NHE). In order to produce enough material for analysis, catalyst films were
electrodeposited onto large FTO plates (ca. 200 cm2). Electrolysis of Co(II)-containing Pi
electrolyte solutions for 12 h at a potential of 1.34 V led to a thick brown/black catalyst film.
Upon conclusion of electrolysis, the film was dried and mechanically removed from the
electrode surface to yield -5 mg of black powder that was immediately loaded into an EPR tube
then frozen and stored under liquid nitrogen at 77 K.
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The continuous-wave (CW) X-band EPR spectrum of this frozen catalyst is shown in
Figure 3.7b. A broad resonance is observed at gee ~ 5 along with a broad derivative lineshape at
gef = 2.27. The feature at gef - 5 is reminiscent of EPR spectra measured for many Co(II)-
containing compounds including: C030 4 and Co3(PO 4)2, examined here (Figure 3.7a), as well as
an amorphous Co(II) sample obtained by freezing the electrodeposition bath. Each of these
examples exhibits a broad, prominent peak with a maximum between gef = 5-8. Based on this
similarity, we assign the gef 5 feature in the catalyst to an S = 3/2 Co(II) species.
Results from X-ray absorption spectroscopy (XAS) studies suggest that Co-Pi consists of
Co-oxido clusters composed of edge-sharing CoO6 octahedra (vide infra).8'12 This geometry
should enforce a low-spin, EPR-silent configuration on Co(III) centers in the film. Examples of
high-spin Co(III) species are rare and exist only with extremely weak-field ligands. 13,14
Furthermore, the EPR spectrum of the model system, Co(IIIII) spinel (C030 4), does not exhibit
any prominent features attributable to Co(III). Thus, we are confident that all Co(III) sites in the
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Figure 3.7. CW X-band EPR spectra of (a) frozen electrolysis solution (-), Co3(P04)2 (---), C0304 --(b) CoPi catalyst films deposited at 1.34 V, and (c) [Co404(C5H 5N)4(CH3CO2)4](C0 4). Vertical dotted lineindicates g = 2.27. T = 5.7 K; Microwave power = 1.02 mW.
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Figure 3.8. CW X-band EPR spectra of Co-Pi catalyst films deposited from aqueous 0.5 mM Co(II) nitrate
solutions in 0.1 M Pi electrolyte, pH 7.0, at 1.03 V (- - -), 1.14 V (-..), and 1.34 V (-). Spectra were
scaled by the amount of cobalt in each sample as measured by atomic absorption spectroscopy. T = 5.7 K;
Microwave power = 1.02 mW.
film are indeed low-spin. We expect that this low-spin configuration will be preserved upon
further cobalt-centered oxidation to yield S = %/ Co(IV) species. 15
To aid in the assignment of the gef = 2.27 feature, we investigated the EPR properties of
a unimolecular Co-containing cubane, [Co40 4(C5HsN) 4(CH3CO 2)4](Cl0 4).16 The Co40 4 core of
this model compound is composed of one Co(IV) and three Co(III) centers and is structurally
similar to the open cubane framework believed to exist in the catalyst film (vide infra)." 2 The
model cubane exhibits an axial EPR signal (Figure 3.7c) with g± = 2.33 and g1 = 2.06, diagnostic
of an S = 2 system arising from the low-spin Co(IV) center and three EPR-silent Co(III) centers.
Both the model cubane and the catalyst film share a zero-crossing point at g = 2.27, as indicated
by the vertical dashed line in Figure 3.7b and c.
Further, we examined the potential dependence of the EPR signals observed in Co-Pi
films. The EPR spectra of films prepared at potentials of 1.03, 1.14 and 1.34 V are shown in
Figure 3.8. For the film prepared at 1.03 V, where the rate of water oxidation is negligible, a
large Co(II) feature is observed together with a small signal at geff = 2.27. For films prepared at
1.14 and 1.34 V, where the rate of water oxidation is significant, the Co(II) feature diminishes
dramatically with an associated rise in intensity of the gegf = 2.27 feature. This increase in signal
intensity between the 1.14 and 1.34 V samples parallels an increase in the rate of water oxidation
by greater than two orders of magnitude. As observed in the XAS studies above (Figure 3.2),
removal of the applied potential causes the open circuit potential to decay implying a change in
the average valency of the film. To assess whether the Co(IV) population in these films changes
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Figure 3.9. CW X-band EPR spectra of a Co-Pi catalyst film electrodeposited at 1.21 V with 10 (-), 15(----)
and 25(- - -) min of delay between the termination of electrolysis and freezing of the sample at 77 K.
Spectra scaled relative to the mass of Co-Pi in each sample. T = 5.7 K; Microwave power = 1.02 mW.
with time, several films were prepared identically expect with variably delay times between
catalyst isolation from the film and freezing at 77 K. The EPR spectra (Figure 3.9) of these films
reveals that the Co(IV) signal decays over the course of minutes at room temperature even in the
dry, isolated film.
To estimate the population of Co(IV) spins in catalyst prepared at 1.14 and 1.34 V, the
spectrum of the material grown at 1.03 V was scaled to the intensity of the Co(II) feature in each
of the high potential spectra. Subtraction of the low-potential spectrum from the high-potential
spectra permits the Co(II) feature to be removed and reveals a spectrum consisting
predominantly of the S = % Co(IV) signal. From double-integration of this signal, relative to that
of a S = /2 spin standard, Cu(EDTA)(S0 4), we calculate that, respectively, 3% and 7% of all the
Co-centers in the films grown at 1.14 and 1.34 V are in this Co(IV) oxidation state. In
quantitating Co(IV) spins in the solid-state catalyst with a frozen-solution spin-standard, we
assume that neighboring, diamagnetic Co(III) ions provide a sufficiently magnetically dilute
environment such that spin-spin interactions that could distort the spectrum are negligible. See
experimental section for details.
In the foregoing discussion, changes in the redox speciation of the films were induced by
growing the films at elevated potentials where water oxidation and film formation occur
simultaneously. For this situation, we expect that Co(IV) species generated during catalytic
turnover may be trapped in the film by newly formed catalyst layers. This trapping would inhibit
quenching of Co(IV) intermediates, thereby permitting their observation in an ex-situ
experiment. To test this hypothesis, two electrodes were prepared in an identical manner at 1.04
V, below the onset of water oxidation catalysis. Catalyst material was isolated from the first
electrode immediately following deposition whereas the second electrode was transferred to Co-
free Pi electrolyte solution and electrolyzed at a potential sufficient for water oxidation catalysis
(> 1.2 V). Catalyst subjected to water oxidation in the absence of additional film formation in
this fashion exhibited a decrease in the Co(II) signal concomitant with an increase in the Co(IV)
signal as observed in Figure 3.8.
3.3 Discussion
Comparison of the XAS spectra for surface and bulk Co-Pi indicates the presence of the
same Co-oxo/hydroxo structural motif in both catalyst samples but different average cluster
sizes. The edge shapes are nearly identical for the two samples and the EXAFS spectra contain
the same major features. The similarity in the XANES edge position and the EXAFS spectra of
the CoPi catalysts to that of CoO(OH) suggest that a viable model for Co-Pi may be constructed
based on the edge-sharing Co0 6 octahedra structural motif found in cobaltates. We refer to such
a model for Co-Pi as a molecular cobaltate cluster (MCC) to denote the molecular dimensions of
this structural motif in the Co-Pi samples. This model is described below and compared to an
alternative model consisting of comer-sharing cubanes. Structural insight provides a context for
interpretation of Co valency according to the XANES data. As described below, the 0.3 eV edge
shift at an applied potential of 1.25 V and the more drastic edge differences at OC between bulk
and surface Co-Pi highlight an apparent sensitivity of valency to cluster size. These results stand
in contrast to the stability of high Co valencies in known crystalline cobaltate compounds.
Structural models for Co-Pi. The first-shell Co-O vector at 1.89 A and nearest neighbor
Co-Co vector at 2.82 A derived from the FT EXAFS data are indicative of bis-oxo/hydroxo-
bridged Co ions3 1 in the Co-Pi samples. The N values for the Co-Co vector derived from the best
fits, ~3.4 in surface and -4.5 in bulk Co-Pi, indicate that this structural feature is incorporated in
higher-order Co-oxo/hydroxo clusters. The difference in cluster sizes (or distributions of sizes)
between surface and bulk Co-Pi may simply be a consequence of the difference in the amount of
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material deposited. Alternatively, the difference in applied potentials used to deposit surface and
bulk Co-Pi (1.1 and 1.25 V, respectively) may lead to distinct MCC sizes.
Although it is clear that the N value is greater for bulk Co-Pi relative to surface Co-Pi, N
values are correlated with the a 2 values and therefore it is difficult to determine absolute values
accurately. The N values are nonetheless important for discriminating between models for the
Co-Pi catalysts. As described below, N values > 4 strongly favor an edge-sharing octahedra
model over a corner-sharing cubane model for Co-Pi. To obtain the best fit values above, a2 was
fixed to the value obtained for the corresponding vector from the best fit to the CoO(OH)
spectrum. We considered this a2 to be a reasonable lower limit because static disorder is
expected to be lower in the crystalline CoO(OH) compound relative to Co-Pi. Larger a2 values
result in larger N values.
The FTs of the EXAFS spectra for the Co-Pi samples exhibit many similarities to the FT
of the CoO(OH) spectrum but lack the intense peaks at higher R' values that result from the long
range order in CoO(OH). These results suggest that Co-Pi may consist of Co-oxo/hydroxo
clusters composed of edge-sharing CoO6 octahedra, which are the basic structural components of
the extended planes of the CoO(OH) layers shown in Figure 3.4 and analogous alkali metal
cobaltates.17 A cluster model (MCC) that is consistent with the parameters extracted from the
EXAFS data for surface Co-Pi is shown in Figure 3.10a. All bridging oxo/hydroxo ligands are
shown in red and the 0 atoms of non-oxo peripheral ligands (e.g. hydroxide, water, phosphate)
are shown in light red. The C020 2 units are planar in the edge-sharing Co0 6 octahedra. The
MCC model for surface Co-Pi includes a total of 24 nearest-neighbor Co-Co vectors (each
linked by two oxos/hydroxos; e.g. path a-c in Figure 3.1Oa) and 7 Co ions, corresponding to N =
3.43, in accord with the value obtained from the best fit to the EXAFS data (N = 3.4, Table 3.2).
The model also includes outer shell Co-Co vectors at 4.89 A (path a-f) and 5.64 A (path a-g;
multiple scattering path) with N values of 1.71 and 0.86, respectively. These relatively low N
values could explain the absence of significant peaks at higher apparent distance in the FT of the
surface Co-Pi EXAFS. In contrast, N = 6 for the analogous Co-Co vectors in the extended planes
of CoO(OH) (Figure 3.4, left) and substantial peaks are discernable in the FT at longer distances
(Figure 3.3).
Figure 3.10. Edge-sharing molecular cobaltate cluster (MCC) (a) and corner-sharing cubane (b) model for
surface Co-Pi. Bridging oxo/hydroxo ligands are shown in red, non-bridging oxygen ligands (including water,
hydroxide, and/or phosphate) complete the octahedral coordination geometry of each peripheral Co ion (blue)
and are shown in light red.
An alternative model for Co-Pi has been proposed based on EXAFS studies of catalyst
films that are frozen immediately after switching from active catalysis to OC conditions.25 In this
study, complete or incomplete corner-sharing Co-oxo cubanes are proposed. A complete corner-
sharing Co-oxo cubane model for surface Co-Pi is shown in Figure 3.1 Ob. All Co ions are linked
by two oxo/hydroxo bridges (red) to each neighboring Co and the non-bridging ligands (light
red) on the Co ions include oxygens from water, hydroxide, and phosphate. In contrast to the
planar units in the edge-sharing CoO6 octahedra, the C020 2 units in the corner-sharing cubane
geometry are puckered, with a Co-O-Co-O dihedral angle of 6.70. For a model consisting of
two corner-sharing complete cubanes with 1.89 A Co-O and 2.82 A Co-Co distances, the N
values for 2.82 A (path a-c in Figure 3.10b), 4.89 A (path a-g) and 5.64 A (path a-h) Co-Co
vectors are identical to those of the MCC model proposed here for surface Co-Pi (Figure 3.1 Oa).
On the basis of the Co-O vectors at ~1.89 A and the Co-Co vectors at ~2.82 A, we conclude that
both models are consistent with the EXAFS data for surface Co-Pi.
There are longer Co-O vectors > 3 A in both the MCC and corner-sharing models. These
vectors may involve either 0 atoms that form the p-oxo/hydroxo bridges (red) of the cluster
(paths a-d and a-e in Figure 3.1 Oa; paths a-d, a-e and a-f in Figure 3.1 Ob) or peripheral 0 atoms
(light red) that are part of water, hydroxide, or phosphate ligands (paths a-d' and a-e' in Figure
3.10a and b). However, the O-Co-O angles involving peripheral 0 atoms are likely to deviate
from the values found in the Co-oxo/hydroxo cores of each model, resulting in substantial
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distance heterogeneity for the a-d' and a-e' paths. This distance heterogeneity therefore does not
require first-shell Co-O distance (1.89 A) heterogeneity. In addition, the FT peak associated with
the a-d path overlaps with the much stronger peak associated with the Co-Co vector in peak II
and spectral features at R' > 3 A that are associated with other Co-O paths are of weak intensity.
For these reasons, longer Co-O vectors do not provide a reliable basis to discriminate between
the MCC and corner-sharing cubane models for surface Co-Pi.
Whereas both models are consistent with the EXAFS spectrum for surface Co-Pi,
significant differences between the surface and bulk Co-Pi EXAFS spectra are better accounted
for by a MCC model. Specifically, the intensity of the peak corresponding to the nearest-
neighbor Co-Co vector in the FT EXAFS of bulk Co-Pi is greater than that of surface Co-Pi. As
a result, the N for this vector in the fit to the data increases to 4.5 (
Table 3.3). As noted above, the fixed a2 value used for this vector (0.005) is an estimated
lower limit, and, if a2 is higher, the value of N will also be higher than 4.5. The MCC model can
be extended in size to accommodate this increase in N, up to a limiting value of 6.0 found in the
extended CoO(OH) structure. As an example, an MCC model including 16 octahedral Co ions
that has a total of 68 nearest-neighbor Co-Co vectors, corresponding to N = 4.25, is shown in
Figure 3.11 a. In contrast, the N value for the nearest neighbor Co-Co vector cannot exceed 4.0
for a corner-sharing cubane architecture-this value is the limiting value of an infinitely
extended framework comprising corner-sharing Co-oxo cubanes. Figure 3.11 b shows an example
of an extended corner-sharing cubane motif containing 16 Co ions; here the N value for the 2.82
A vector is 3.75.
The increase in N for the nearest neighbor Co-Co vector for bulk Co-Pi relative to
surface Co-Pi is accompanied by the appearance of additional weak features in the peak IV
region. These features can be fit with longer Co-Co vectors at 4.84 A and 5.69 A (
Table 3.3, fit #2). These distances are consistent with the longer Co-Co vectors in both
MCC and corner sharing cubane models (4.89 A and 5.64 A, respectively; paths a-f and a-g in
Figure 3.1 la and paths a-g and a-h in Figure 3.1 1b). As for the nearest neighbor Co-Co vector,
the limiting N value for the ~5.64 A Co-Co multiple scattering path differs for the MCC and
corner sharing cubane models (N = 6.0 for infinitely extended MCC and 2.0 for infinitely
Figure 3.11. (a) Edge-sharing MCC and (b) corner-sharing cubane models for bulk Co-Pi. Bridging oxo/hydroxo
ligands are shown in red, non-bridging oxygen ligands (including water, hydroxide, and/or phosphate) complete
the octahedral coordination geometry of each peripheral Co ion (blue) and are shown in light red.
extended corner-sharing cubane). However, the features are too weak and the uncertainties in N
values are too large to enable discrimination between the two models based on the longer Co-Co
vectors. Thus, the nearest neighbor Co-Co vector provides the strongest argument based on XAS
data for the MCC model over a corner-sharing cubane model.
We also favor a MCC model over a corner-sharing cubane model based on structural data
for synthetic Co-oxo compounds. Substantial Co-Co nearest neighbor distance heterogeneity is
observed in single Co-oxo cubanes. For example, cubanes prepared in the presence of
carboxylates contain both carboxylate-bridged and nonbridged faces, yielding two sets of Co-Co
distances that differ by 0.15-0.2 A.16,18- 2 1 We expect that cubanes formed in the presence of
phosphate ions would exhibit similar bridged and non-bridged distance heterogeneity, and
therefore a decrease of the peak II intensity. Additionally, we note that the edge-sharing CoO6
octahedra structural motif of the MCC model proposed here is also found in the reduced Co40 16
core of a Co polyoxometallate complex that has recently been reported to effect water oxidation
catalysis in the presence of a suitable chemical oxidant.22
Other cubane-type models besides the corner-sharing cubanes depicted in Figure 3.1 Ob
and Figure 3.1 lb can be ruled out based on the EXAFS data. The absence of a Co-Co vector at
~3.8 A in the spectra for the Co-Pi samples rules out models that include approximately linear
Co-O-Co vectors. Such models include face-sharing and edge-sharing Co-oxo/hydroxo
100
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complete-cubane-type structures, as well as corner-sharing cubanes in which the shared corner is
an oxygen atom. This linear arrangement of Co ions would significantly increase the intensity in
the peak III region (Figure 3.3). Face-sharing and edge-sharing cubane-type structures would
also necessitate additional nearest-neighbor Co-Co vectors, attenuating the peak II region.
Finally, the MCC model is supported by the recent revision of the Pourbaix diagram of
the Co/H 20 system that situates CoO(OH) as the thermodynamically stable species at potentials
above ~0.75 V (vs. NHE) in neutral solutions at room temperature.2 3 It is feasible that the MCC-
type clusters we propose herein are in fact nuclei of CoO(OH) whose growth is stunted by the
presence of phosphate anions during the electrodeposition process.
The MCC models in Figure 3.1 Oa and Figure 3.11 a are representative clusters with Co-
Co N values that match the best fit values from the curve fitting. Other MCC clusters with
similar N values are possible. It is likely that the Co-Pi samples contain a distribution of MCC
clusters with an average N value that accounts for the intensity of peak II. We also note that
MCC clusters may form linkages to each other through bridging oxo, hydroxo, or phosphate
moieties. Distinct Co-Co scattering vectors which may arise from these linkages would possess
N values well below 0.5 and, therefore, contribute negligibly to the EXAFS spectrum. We note
that the coexistence of MCC units and corner-sharing cubane units in Co-Pi samples cannot be
ruled out, although it is unlikely that the electrodeposition process yields two significantly
different structural motifs in comparable quantities. In addition, merging edge-sharing CoO6
octahedra and cubane motifs into a single structural unit results in substantial nearest neighbor
Co-Co distance heterogeneity and additional Co-Co vectors that are inconsistent with the
EXAFS data. For example, forming a cubane on an MCC fragment results in three Co-Co
vectors at -2.5 A and two Co-Co vectors at ~3.8 A if the Co-O distances are kept at 1.89 A.
All attempts to incorporate a Co-P vector into the EXAFS fits for surface and bulk Co-Pi
were unsuccessful. The Co:P ratio in Co-Pi samples prepared under similar conditions is between
2:1 and 3:1, as determined by elemental analysis and energy-dispersive X-ray analysis. 8 2 4 The
absence of a Co-P vector may reflect the absence of phosphate-Co binding in Co-Pi. However,
coordination of HP0 42 - to the terminal d' and e' sites of the outer ring of the cobalt ions is not
inconsistent with the EXAFS data. A structurally characterized Co 3 complex with a chelating
HP0 42- ligand has recently been reported.2 4 If HP04 2 is bound in this manner in Co-Pi, the N
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value for a Co-P vector would not be in excess of 0.5, a value that would support only a very
small signal. Phosphate bound to these sites would likely be highly exchangeable, consistent
with 32P radiolabel studies of phosphate exchange within the film. 2 The presence of p-phosphato
ligands would increase the N value for a Co-P vector, but if multiple coordination modes for
phosphate were present in Co-Pi, large Co-P distance heterogeneity would reduce the signal.
Elemental analyses of Co-Pi catalyst films indicate an approximately 1:1 ratio of K+ ions
to phosphate ions. We speculate that these ions are coordinated to the peripheral ligands of the
MCC clusters or to lattice water molecules. Although coordination of K* to the Co-oxo cluster
cannot be ruled out, there is no evidence that a Co-K vector makes a substantial contribution to
the EXAFS spectrum. In addition, replacement of K+ with Na* slightly increases the intensity of
peaks in the FT at R' > 3 A, the opposite trend from what would be expected if one of these
peaks had a Co-K component.
Cobalt valency in Co-Pi. Comparison of the peak positions in the Co-Pi edges to that of
CoO(OH) suggest a Co valency greater than 3 for Co-Pi when a potential of 1.25 V is applied
(Figure 3.2a). This qualitative assignment is supported by several pieces of independent data. As
described in Chapter 2, the CV of Co-Pi exhibits an anodic wave as a pre-feature to a catalytic
wave. The half-wave potential of the pre-feature is observed at -0.95 V, which is in the range of
a typical Co 2+/3 redox couple; the Co(OH)2 /0 couple is estimated to be 1.1 V25 and the Pourbaix
diagram of cobalt indicates that oxidation of Co30 4 to Co(O)OH occurs at -0.75 V at pH 7.23
The Co2+/3+ couple for Co-Pi at 0.95 V occurs -0.14 V negative of the catalytic wave for water
oxidation, consistent with a formal oxidation state of Co3+ prior to catalysis. A catalytic wave is
obtained only upon further oxidation of the Co3 + film.
The first shell Co-O distances and the nearest neighbor Co-Co distances deduced from
EXAFS data (vide supra) also support the assignment of a Co valency greater than 3 by
comparison to corresponding distances in alkali cobaltates of various valencies.3 2 In the all-Co3+
oxides CoO(OH) and LiCoO 2, the Co-Co distances are 2.85 A and 2.81 A, and the Co-O
distances are 1.90 A and 1.92 A, respectively. For the series NaxCoO 2, the corresponding
distances range from 2.89 A and 1.94 A for x = 1 (all Co 3 ), to 2.81 A and 1.81 A for x = 0.3
(formally 70% Co(IV)). The Co-Co distance (2.82 A) observed for the Co-Pi samples under an
applied potential is at the short end of the range of distances observed in cobaltates with
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valencies greater than 3 and the Co-O distance (1.89 A) is in the middle of the corresponding
range.
More direct spectroscopic confirmation of the existence of Co(IV) centers in the film is
provided by EPR studies of Co-Pi samples freeze-quenched after deposition at a variety of
potentials. 29 In particular, the progressive rise in intensity of the geff = 2.27 feature as the
potential is increased (Figure 3.8), together with its similarity to the signal observed in the
cubane model compound (Figure 3.7), provides strong evidence for the assignment of the ge =
2.27 signal to low-spin Co(IV)-containing species in the catalyst film. Moreover, the potential
dependence of this signal suggests that it arises predominantly from species generated during
electrocatalytic water oxidation, corroborating the finding of the in situ XANES study.
The higher energy XANES edge of bulk Co-Pi vs. surface Co-Pi reflects a greater extent
of oxidation in the former at 1.25 V (Figure 3.2b). We attribute this difference to differences in
local structure between the two samples. EXAFS data indicate the presence of higher-nuclearity
Co oxo structures in bulk Co-Pi (vide supra). We surmise that these larger clusters are able to
accommodate more holes per Co than the smaller clusters in surface Co-Pi at a given applied
potential. It is not possible to quantify the difference in oxidation state between the two samples
based on the XANES data. We note, however, that similar edge shifts have been observed in the
XANES spectra of sodium cobaltates (NaxCoO 2; x = 0.24-1.0). Peak positions shift
monotonically, although nonlinearly, by a total of 3 eV as the Co valency is increased from 3 to
3.76.32
The OCP traces indicate continuous reduction of Co-Pi upon switching from 1.25 V to
OC (Figure 3.2b, inset). As water is the only reductant available, these data indicate residual
water oxidation activity by the Co-Pi catalyst. The reduction of the cobalt ions is evident in edge
shifts to lower energy in the XANES spectra. This reduction is also reflected in the loss of the
Co(IV) EPR signal over the course of minutes at room temperature for an isolated dry catalyst
film (Figure 3.9). Importantly, the loss of this signal is not accompanied by a rise in the Co(II)
EPR signal, suggesting that the reduction process, a consequence of residual water oxidation,
results in a net Co(IV) to Co(III) conversion. By XANES, the rate of reduction is more rapid for
surface Co-Pi than bulk Co-Pi. The edge at OC in the first near-edge scan for bulk Co-Pi almost
coincides with the edge of surface Co-Pi at 1.25 V, indicating that the Co valency of bulk Co-Pi
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is still greater than 3 in the first 10 min after switching to OC. In contrast, the edge of surface
Co-Pi is shifted to lower energy by > 1 eV and the shape is broadened, indicative of a valency
less than 3. We note that the difference in the amount of Co ions in surface vs. bulk Co-Pi
estimated by electrochemical methods (vide supra) approximately matches the difference in
current density observed for the two samples, with both differing by a factor of approximately
15. This consistency suggests that solvent accessibility to active sites is not limiting catalysis at
1.25 V in the thicker bulk sample and therefore should not limit residual water oxidation
catalysis at OC. Rather than solvent accessibility, we ascribe the differences in open circuit
behavior to structural differences between surface and bulk Co-Pi. At a given average Co
valency, the larger clusters in bulk Co-Pi are more stable than those of surface Co-Pi, resulting in
slower kinetics for water oxidation. At 1.25 V, the rates of water oxidation per Co ion are
comparable for the two samples, but the valency of bulk Co-Pi is greater. At OC, the decay of
OCP and concomitant edge shift for surface Co-Pi are more rapid because the small clusters
effect water oxidation at lower Co valencies relative to bulk Co-Pi.
The continual reduction of Co-Pi upon switching to open circuit from 1.25 V is in
contrast to the properties of solid state cobaltate materials. Sodium cobaltates with Co valencies
> 3.4 are kinetically stable to water across the pH spectrum.26- 29 This stability is not the result of
limited contact between H2 0 and the Co ions; H20 and H30 molecules readily intercalate
between the CoO 2 planes. Evidently, the extended Co0 2 planes in the cobaltates support high Co
valencies while remaining resistant to water oxidation. In contrast, the high catalytic activity of
Co-Pi suggests that the MCCs promote water oxidation if an appreciable quantity of Co(IV)
centers are formed.
3.4 Conclusion
The ability to deposit Co-Pi on a variety of conductive surfaces under mild conditions has
facilitated the acquisition of X-ray absorption spectra of active catalyst material. The EXAFS
spectra indicate that active Co-Pi is comprised of bis-,u-oxo/hydroxo linked Co ions. A
comparison of the EXAFS spectra to the spectrum of a cobaltate compound, CoO(OH), point to
a molecular cobaltate cluster (MCC) model for Co-Pi. In this model, the Co-oxo/hydroxo
clusters possess the same structural motif found in the extended planes of cobaltates-edge-
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sharing CoO6 octahedra-but have molecular dimensions. In contrast to a corner-sharing
biscubane model, the MCC model can accommodate N values for the nearest neighbor Co-Co
vector greater than 4, as seen in the thicker Co-Pi film studied here. The XANES spectra indicate
a Co valency greater than 3 during catalysis at an applied potential of 1.25 V These findings are
corroborated by EPR studies that reveal a dramatic increase in Co(IV) population in the film as
the potential is stepped into the region of water oxidation. Both EPR and XANES indicate that
residual water oxidation catalysis prevails at open circuit conditions which reduced the residul
Co(IV) centers to Co(III).This water oxidation activity is in contrast to cobaltate materials with
high Co valencies and suggests that the molecular dimensions of the clusters found in Co-Pi may
be essential for catalysis.
The identification of clusters with molecular dimensions formed via electrodeposition as
the principal constituents of the water-oxidizing Co-Pi catalyst raises the possibility of preparing
mixed-metal oxide clusters to access more efficient catalysts. Encouragingly, other transition
metals such as Mn2 Ni,3 and Ru32 have been shown to occupy Co positions when doped into
sodium cobaltate compounds. Since the average cluster size in one of the samples studied here is
only 7 Co ions, replacing one or more Co ions with alternative metals might alter the oxidation
state vs. potential profile or the M-O bond strengths, in turn altering the rate of catalysis.
Alternatively, it may be possible to access mixed-metal oxide catalysts with light absorption
properties that render them active under illumination without an external bias. Finally, in light of
the different valencies exhibited by bulk and surface Co-Pi during catalysis and the relative
inertness of oxidized cobaltates, it may prove beneficial to further explore the relationship
between deposition conditions and cluster size.
3.5 Experimental Methods
3.5.1 X-ray Absorption Spectroscopy
Model Compounds. Crystalline CoO(OH) was prepared by annealing 8-Co(OH) 2 in a
flow of 02 according to a previously published procedure,3 3 and its identity was verified by
powder X-ray diffraction. CoO and Co30 4 were purchased from Aldrich.
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Catalyst electrodeposition for in situ XAS. Co-Pi catalyst samples were
electrodeposited at room temperature from freshly prepared 0.5 mM Co(N0 3)2 solutions in either
0.1 M potassium phosphate buffer, pH 7.0 (KPi) or 0.1 M sodium phosphate buffer, pH 7.0
(NaPi) just prior to collection of XAS spectra. The electrochemical cell consisted of two
compartments separated by a glass frit. One compartment contained a flat glass wall, out of
which a circular opening 1.5 cm in diameter was cut. Using epoxy glue, a 2 cm x 3.3 cm piece of
ITO-coated polyethylene terephthalate (ITO-PET, Kintec Company) was attached to the inside
of this wall with the ITO side facing inward. The ITO layer (-0.15 pm) served as the working
electrode upon which the catalyst was deposited. Connection of the ITO to the potentiostat was
made via an alligator clip. The X-ray transparency of the PET layer and relatively thin ITO layer
enabled XAS spectra to be collected through the circular opening under operating conditions. A
Ag/AgCl reference electrode and a Pt wire counter electrode were used for all experiments. The
compartment to which the ITO-PET was attached was fitted with a Teflon cap containing a hole
through which the reference electrode was placed. This setup ensured a reproducible spacing
between the reference electrode and working electrode between experiments.
The "bulk" and "surface" Co-Pi catalyst samples were electrodeposited from freshly
prepared 0.5 mM Co(NO 3)2 solutions in 0.1 M potassium phosphate buffer, pH 7.0 (KPi).
Deposition of bulk Co-Pi was carried out at 1.25 V (all voltages are reported with respect to the
Normal Hydrogen Electrode, NHE) until 60 mC/cm 2 charge (0.26 C) was passed. The solution
containing Co2+ was then removed from the working compartment of the cell and this
compartment was rinsed three times and refilled with Co2+-free buffer. Surface Co-Pi was
electrodeposited at 1.1 V (NHE) until 1.6 mC of charge was passed (300 p.C/cm 2). Because some
material is lost during a rinse, only one rinse was used for the surface Co-Pi sample.
An upper limit of the amount of Co deposited per electrode surface area for surface Co-Pi
(3 nmol/cm2) was calculated by assuming that all charge was accounted for by C02+/3+ oxidation
and that all oxidized Co was deposited. To estimate the amount of Co ions in bulk Co-Pi, a film
was prepared independently at 1.25 V on an ITO-coated glass slide (Sigma, 8-12 n/sq.) with the
same amount of charge per electrode surface area and a cyclic voltammogram (CV) was obtained
of the resulting film. This CV was compared to the CVs of a series of standard films prepared by
deposition at low potential for which an upper limit for the amount of Co deposited can be
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determined by the charge passed in the deposition. The CV of the film deposited at 1.25 V
matched that of a film prepared in a 4.6 mC/cm2 deposition at low potential. We therefore
estimate 40-50 nmol/cm 2 as the amount of Co ions in bulk Co-Pi.
XAS data acquisition. X-ray absorption spectra were collected at the Stanford
Synchrotron Radiation Lightsource (SSRL) on beamlines 7-3 and 9-3 at an electron energy of
3.0 GeV with an average current of 90 mA. The radiation was monochromatized by a Si(220)
double-crystal monochromator. The intensity of the incident X-ray was monitored by an N 2-
filled ion chamber (Io) in front of the sample. The data were collected as fluorescence
excitation spectra with a Ge 30 element detector (Canberra). Energy was calibrated by the
rising edge position of Co foil (7709.5 eV) for Co XAS. The X-ray flux at 7800 eV measured
at Io was about 8 x 109 photons s-1 mm-2. Spectra were measured at room temperature.
Acquisition of XAS spectra was initiated immediately following Co-Pi electrodeposition
and rinsing of the working compartment. For bulk Co-Pi, a potential of 1.25 V was applied to the
working electrode for 200 s and the cell was then switched to open circuit (OC). One near edge
scan was obtained while the open circuit potential (OCP) was measured at 1 s intervals. The cell
was then switched back to 1.25 V and four full scans were obtained. A current density > 40
iA/cm2 was sustained throughout collection of data at 1.25 V. For surface Co-Pi, 32 full scans
were obtained at 1.25 V first, during which time the catalyst sustained a current density > 3.5
pA/cm2. The cell was then switched to OC and four near edge scans were obtained. The
difference in current densities between bulk and surface Co-Pi at 1.25 V reflects the difference in
the amount of catalyst material between the two samples.
Data reduction of the EXAFS spectra was performed using EXAFSPAK (Drs. Graham
George and Ingrid Pickering, SSRL). Pre-edge and post-edge backgrounds were subtracted from
the XAS spectra, and the results were normalized with respect to edge height. Background
removal in k-space was achieved through a five-domain cubic spline. Curve fitting was
performed with Artemis and IFEFFIT software using ab initio-calculated phases and amplitudes
from the program FEFF 8.2. These ab initio phases and amplitudes were used in the EXAFS
equation:
107
N.__ 
-2a;?k' -2R1./X1.(k)X(k)k =So 2  ffJ e sin(2kR +,(k))
I J
The neighboring atoms to the central atom(s) are divided into j shells, with all atoms with
the same atomic number and distance from the central atom grouped into a single shell. Within
each shell, the coordination number N denotes the number of neighboring atoms in shell j at a
distance of Ry from the central atom. ff,(7r,k,Rj)is the ab initio amplitude function for shell j,
and the Debye-Waller term e-2o j accounts for damping due to static and thermal disorder in
absorber-backscatterer distances. The mean free path term e-2 i / i (k reflects losses due to
inelastic scattering, where j(k) is the electron mean free path. The oscillations in the EXAFS
spectrum are reflected in the sinusoidal term, sin(2kRj + j(k)) where Oj(k) is the ab initio phase
function for shellj. So2 is an amplitude reduction factor due to shake-up/shake-off processes at
the central atom(s). The EXAFS equation was used to fit the experimental data using N, R, and
the EXAFS Debye-Waller factor (2) as variable parameters. For the energy (eV) to wave vector
(k, A-1) axis conversion, Eo was defined as 7720 eV.
EXAFS curve-fitting. The goodness of the fit was evaluated by the EXAFS R-factor (Rf)
that represents the absolute difference (least-square fit) between theory and data. For evaluation
among different models, the reduced X2 (X, 2) was used: 34 ,3 6
X =X 2 /(NI-dpNva)
where Nidp is the number of independent points in the measurement, and Nar is the number of
variable parameters in the fit. x2 is defined by the following equation:
2 N Npts
2 idp [t data calc
where 6k is the measurement uncertainty in k-space, and Npts is the number of points in the fitting
range of the data. The measurement uncertainty was estimated by the root-mean-square (rms)
average of X(R) between 15 and 25A as described in the literature. 37
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Estimation of Uncertainty in the Parameters. The uncertainty in the variables, scaled
by the square root of y, 2 , are estimated by fitting parameters using a Fourier-filtered spectrum of
a relevant R' range of absorber-backscatter distances. This method avoids creating unrealistically
large errors, particularly for the higher R' values due to the relatively small contribution of such
components in the goodness of the fits. For peaks I to III region, 1 < R' (A) < 4 was used for
Fourier-filtering to estimate errors for Co-O (-1.8 A), Co-Co (~2.8 A), and Co-O (-3.8 A)
interactions. For the peak IV region, 4.0 < R' (A) < 6.0 was used for Co-Co (-4.8 A)and Co-Co
(~5.7 A) interactions.
3.5.2 EPR Spectroscopy
Materials. Co(N0 3)2 , 99.0% or greater, was used as received from J.T. Baker or Strem.
KOH and KH2PO4 were used as received from Mallinckrodt or J.T. Baker. All electrolyte
solutions were prepared with reagent grade water of 18 MQ-cm resistivity. Fluorine-tin-oxide
(FTO) coated glass sheets were purchased from Hartford Glass (Part # TEC-7) and rinsed with
acetone followed by reagent grade water prior to use.
Electrochemical Methods. All electrochemical experiments were performed at ambient
temperature with a CH Instruments 760C potentiostat. A BASi Ag/AgCl reference electrode was
used in all experiments. In all cases, large surface area nickel foam or platinum mesh was used as
the auxiliary electrode. All electrode potentials were converted to the NHE scale using E(NHE)
= E(Ag/AgCl) + 0.197 V. Unless otherwise stated, the electrolyte was 0.1 M potassium
phosphate, pH 7.0 (Pi electrolyte).
EPR Spectroscopy. X-band CW-EPR spectra were collected under slow passage
conditions (16.2 mT/s scan rate) using a Bruker ECS106 spectrometer equipped with an
ER4102ST standard mode cavity. Cryogenic temperatures were achieved using an Oxford
Instruments ESR900 liquid helium flow cryostat and set using an Oxford Instruments ITC503
temperature controller. Microwave frequency = 9.48 GHz; modulation amplitude = 8 G;
modulation frequency = 100 kHz; non-saturating microwave power = 1.02 mW; temperature =
5.7 K. 30 scans were added for each spectrum. The mass of each catalyst film EPR sample was
determined from weighing-by-difference. After EPR data collection, each sample was dissolved
in 14 N nitric acid and the amount of cobalt present in each sample was determined by atomic
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absorption spectroscopy (AAS). AAS data were collected using an Instrumentation Laboratory
Inc. cobalt hollow cathode lamp at 240.7 nm excitation light with a 7 mA current and a 0.2 nm
slit width. Spectra were then scaled to the amount of cobalt in the sample.
Growth of Catalyst Films for Potential Dependent EPR Analysis. Co-Pi catalyst films
were prepared on large surface area FTO substrates (25 cm x 20 cm exposed to solution).
Electrodepositions were carried out in large capacity single compartment electrochemical cells
containing 4 L of 0.1 M Pi electrolyte (pH 7.0) and 0.5 mM Co(II). The nickel foam counter
electrode was positioned behind the FTO-coated plate and the reference electrode was positioned
1-2 cm from the center of the working electrode. Depositions were conducted from quiescent
solutions at nominal applied potentials of 1.05, 1.20 and 1.45 V. Prior to data collection, the
solution resistance was measured using the iR test function and, in all cases, solution resistances
were below 15 9. Following 12 h of deposition at constant potential, the electrolysis was
terminated and the electrode was removed from solution. The electrode was subsequently rinsed
with reagent grade water and allowed to dry in air. The electrodeposited material was carefully
removed using a razor blade, loaded into a quartz 4 mm EPR tube and the sample was frozen at
77 K. For all samples, 25 min elapsed between the conclusion of electrolysis and the freezing of
the sample. The applied deposition potentials were corrected for ohmic losses using the solution
resistance measured prior to film deposition and the average current measured over the course of
the electrolysis. The CW X-band EPR spectra obtained from this experimental procedure are
shown in Figure 3.7b and Figure 3.8. The spectra in Figure 3.8 are scaled relative to the amount
of cobalt in each sample as determined by atomic absorption spectroscopy (vide supra).
Dependence of EPR Spectra on the Delay Time Between Termination of Electrolysis
and Freezing of the Sample. Co-Pi catalyst films were prepared on large surface area FTO
substrates using the cell geometry described above utilizing two FTO working electrodes (10 cm
x 12 cm exposed to solution for each) connected in parallel to the potentiostat. The reference
electrode was positioned in the center of both electrodes. After measurement of the solution
resistance the electrodeposition was conducted from a quiescent solution at an applied potential
of 1.25 V. Following 12 h of deposition at constant potential, the electrolysis as terminated and
both electrodes were removed from solution. Both electrodes were subsequently rinsed with
reagent grade water and allowed to dry in air. The electrodeposited material was carefully
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removed of one electrode using a razor blade, and portions of the sample were individually
packed into quartz 1.5 mm EPR tubes and were frozen at 77 K after delay times following the
termination of electrolysis of 10, 15 and 25 min. The applied deposition potential was corrected
for ohmic potential losses as described above. The CW X-band EPR spectra obtained for these
three delay times is shown in Figure 3.9.
Quantitation of Co(IV) Spin Population. X-band CW-EPR Co(IV) spin quantitation
was performed according to the method set forth in the literature 38 using a 100 pM
[CuEDTA](S0 4) standard solution. The Co(II) feature of the 1.03 V spectrum was scaled to the
intensity of the Co(II) features in the 1.14 and 1.34 V spectra and subtracted from the high
potential spectra. The nominal Co(IV) difference spectra for 1.14 and 1.34 V (Figure S2)
samples were double-integrated and the double-integrated area was compared to the baseline-
corrected double-integrated area of 0.159 mL of 100 4M [Cu(EDTA)](S0 4) to determine the
total number of Co(IV) spins present in the high potential samples. These spin quantity values
were divided by the total number of Co atoms in each sample as determined by atomic
absorption spectroscopy to yield Co(IV) populations of 3 and 7% for the 1.14 and 1.34 V
samples respectively. Spectral scaling, subtraction, and double-integration were done using
Matlab and Easyspin software packages.
Synthesis and Characterization of [Co(III) 3 Co(IV)0 4(C5 HsN)4 (CH3 CO2)4](C104).
The reduced precursor Co(III) 40 4(C5H5N)4(CH 3CO2)4 was synthesized according to a published
procedure.16 Oxidation of this precursor was achieved in a double compartment electrolysis glass
cell, with the two compartments separated by a glass frit junction. Each compartment was
charged with 40 mL of a 0.4 mol/L solution of LiClO 4 in CH 3CN. The precursor (150 mg, 0.18
mmol) was dissolved in one of the compartments, and bulk electrolysis was performed at 1.1 V
versus a Ag reference electrode. A 1 cm x 2 cm piece of carbon felt (0.5 in thickness, Alfa
Aesar) was used as the working electrode and Pt mesh was used as the counter electrode. Bulk
electrolysis was stopped when the current density dropped to 0.1% of the steady state oxidation
current. Upon electrolysis, the acetonitrile solution of 1 was concentrated by evaporation and
triturated with approximately 25 mL of deionized H20. Cooling of the resulting solution at 4 *C
for approximately 16 h afforded brown-black crystals of 1 in quantitative yield. Analytical
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calculated for C30H35ClCo4N5 Oi1 (1-CH 3CN): C, 36.29; H, 3.55; N, 7.05. Observed: C, 36.80; H,
3.48; N, 7.32.
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Chapter 4 - Mechanistic Insights into Water Oxidation Mediated by
Cobalt-Based Thin Film Catalysts
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4.1 Introduction
In chapters 1-3, we described the electrosynthesis and structural characterization of a Co-
phosphate oxygen evolving compound. Against this structural backdrop the following chapter
details electrokinetic studies that provide insight into the mechanism of oxygen evolution
mediates by this thin film catalyst at neutral pH. Fundamentally, these studies are motivated by a
quest to better understand the extreme kinetic demands of the oxygen evolution reaction (OER)
which requires the distribution of four redox processes over a narrow potential range, the
coupling of multiple proton and electron transfers, and the formation of two oxygen-oxygen
bonds.1-8 The efficiency and conditions required for this reaction are key determinants of the
overall viability of energy storage via water-splitting. As such, the continued development of
effective OER catalysts and elucidation of their mechanisms stand as central scientific and
technological challenges in energy conversion.
Conductive transition metal oxides promote the OER with high efficiency and current
density under either highly acidic or highly alkaline conditions.9-12 There are two basic classes of
metal oxide catalysts: those comprising precious metals and those comprising first row transition
metals. Extensive mechanistic studies have been performed for the OER catalyzed by platinum
oxides. Distinct mechanisms prevail under acidic and alkaline conditions (Figure 3.3). The
proposed mechanism for the OER under acidic conditions entails water binding to the surface
and the irreversible removal of one electron and one proton to form a platinum hydroxide. 13-16 In
alkaline media, a reversible binding of hydroxide ion coupled to a one electron oxidation is
thought to precede a turnover-limiting electrochemical step involving the removal of one proton
OH2  OH
SF- 
-H+, 
-e- .Pt pH 0
OH
+0H-, -e F I
OH 0 pH 14
I..-- +0H-, -e- - t
Pt' - . Pt
I* - H20 |
Figure 4.1. Proposed pathways for 02 evolution on Pt oxide at the pH extremes.
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and one electron to form a surface oxide species (Figure 3.3).15~18 The shift in mechanism
between the pH extremes has been attributed to the kinetic facility of oxidizing hydroxide ion
relative to water.19 As such, studies of the OER on platinum oxides establish the importance of
evaluating electrode kinetics across a wide pH range.
In contrast to precious metal oxides, first-row transition metal spinels and perovskites
have been studied mechanistically under only alkaline conditions20- 29 because oxide dissolution
accompanies 02 evolution under acidic conditions.19 Even under alkaline conditions, a
mechanistic consensus has been elusive because the identity of the substrate, method of
preparation, and thickness of the oxide layer strongly impact the current-voltage characteristics
and the observed reaction order with respect to hydroxide. The variability in kinetic data may be
ascribed, in large part, to a barrier to electron transfer imposed by the oxide film. These barriers
may be of an ohmic or non-ohmic nature and serve to obscure the kinetics of the interfacial
reaction chemistry. 8 ,28 ,30- 34
Whereas some of these precious and non-precious metal oxides have been optimized for
use in commercial electrolyzers,3 5 these technologies remain expensive for non-concentrated
solar energy storage applications. 36 As such, we have turned our attention to developing
inexpensive, highly manufacturable water-splitting catalysts for non-concentrated solar energy
storage. We have recently described the self-assembly of a highly active cobalt-based oxygen
evolving catalyst that forms as a thin film on inert electrodes when aqueous solutions of Co 2
salts are electrolyzed in the presence of phosphate (Co-Pi) or borate (Co-Bi); 37,38 more recently,
we have used a similar strategy to discover a Ni-Bi catalyst. 39 These catalysts are of interest
because they: (1) form in situ under mild conditions on a variety of conductive substrates;76-39
(2) exhibit high activity in pH 7-9 water at room temperature; 37,38 (3) are functional in salt
water;38 (4) are comprised of inexpensive, earth-abundant materials; 37,38 (5) self-heal by
reversing catalyst corrosion at open circuit upon application of a potential;40 (6) can be interfaced
with light absorbing and charge separating materials to effect photoelectrochemical water
splitting;41-43 and (7) are functional models of the oxygen-evolving complex of Photosystem II.44
The simple operation of the catalyst from conventional water sources under benign conditions is
an important step towards providing distributed solar energy storage at low-cost. 45
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The further development of new catalysts for water splitting will benefit from an
understanding of the OER process of Co-Pi. EXAFS studies support a structural model wherein
Co-Pi is composed of cobaltate clusters of molecular dimensions. 46 In addition, XANES 46 and
EPR47 studies are consistent with a proportion of cobalt centers attaining an oxidation state of IV
during water oxidation catalysis. Against this backdrop, we now report the electrochemical
kinetics and 180 isotope studies of the OER catalyzed by Co-Pi in neutral water. The ability to
perform electrokinetic studies of an amorphous thin film consisting of cobaltate clusters
circumvents the difficulties imposed by electron transport barriers in interpreting the
electrokinetics of the aforementioned metal oxide catalysts. Controlled low potential deposition
of ultrathin catalyst films (~60 - 600 nmol Co/cm2) enables the kinetics of water oxidation
chemistry to be isolated. As such, the current-voltage behavior of Co-Pi and measurements of the
relevant reaction orders reveal a viable mechanism for the OER at neutral pH that is consistent
with spectroscopic and structural studies of the catalyst.
4.2 Results
4.2.1 Film Formation
Catalyst films were grown by controlled potential electrolysis of 0.5 mM Co2+ solutions
in 0.1 M potassium phosphate electrolyte, pH 7.0 (Pi electrolyte). Performing the electrolysis at
1.3 V (vs. NHE) gives rise to a catalyst film of several micron thickness after the course of
several hours.1,38 Whereas this procedure leads to rapid catalyst formation, the growth of the film
is accompanied by significant 02 evolution at this potential. As such, the charge passed in a
deposition is not representative of the number of Co atoms deposited, making it difficult to
produce films of reproducible thickness and catalyst loading. To avoid this problem, films used
in the electrochemical studies here were prepared by controlled potential electrolysis at 1.05 V.
As determined by independent measurements of catalyst films in Co2+-free Pi solution,
negligible water oxidation catalysis occurs at this potential. Thus, the charge passed at 1.05 V
during a deposition is a direct measure of Co2+ oxidation and therefore provides an upper limit
for the number of Co ions incorporated into the film. Double layer charging currents can be
neglected owing to the long duration of a typical deposition (~1 h).
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4.2.2 Tafel Behavior
The current-voltage (Tafel) behavior of the catalyst in the region of water oxidation was
measured over a 210 mV range in 10 - 30 mV increments. Electrolysis was conducted at each
potential in Co-free Pi electrolyte until the current density (i) reached a steady state value. The
potential values were converted to overpotential values (rq) by correcting for ohmic potential
losses and subtracting the thermodynamic potential for water oxidation under the experimental
conditions (see Experimental Methods). Tafel data were collected using freshly prepared films
that were deposited with passage of 6, 24 and 60 mC/cm2 (Figure 4.2). Estimating that each Co
atom, together with its surrounding ligands, occupies a volume of 125 A3 (see Experimental
Methods), these deposition currents correspond to approximate film thicknesses of 50, 200 and
750 nm respectively. For catalysts prepared from the passage of 6 and 24 mC/cm2, linearity in
the Tafel plot (r vs. log(i)) is observed over 3 orders of magnitude; a slight curvature is observed
for the catalyst prepared with the passage of 60 mC/cm2. The activity of the film increases
monotonically as the catalyst loading and film thickness increase but the Tafel slope does not
change appreciably; Tafel slopes of 61, 62 and 60 mV/decade are observed for 6, 24 and 60
mC/cm2 depositions, respectively. These slopes for the three films of different thicknesses are
near the 59 mV/decade value that corresponds to 2.3 x RT/F. This slope is characteristic of an 02
evolution mechanism involving a reversible one-electron transfer prior to a chemical turnover-
limiting step (vide infra). The Tafel slopes are highly reproducible among independent and
sequential runs and they do not depend on the direction of potential scan, indicating that the
1.28-
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> 1.16- 0.36
1 -0.32
1.12-
1.08 0.28
-6 -5 -4 -3
log (i A/cm2)
Figure 4.2. Tafel plots, V = (Vap - iR), ?7 = (V - E*), for catalyst films grown with passage of 6 (A), 24 (e),
and 60 (n) mC/cm .
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Figure 4.3. Tafel plots, V = (Vappi - iR), T = (V - E*), of catalyst films deposited on Pt rotating disk electrodes
and operated in cobalt-free 0.1 M Pi electrolyte, pH 7.0 at 1000 rpm (A) and 2000 rpm (m). Tafel plot (*) of a
catalyst film on a stationary FTO electrode in a stirred solution is shown for comparison. Tafel slopes are 61(A),
61(m), and 62(e) mV/decade.
films are not appreciably altered during Tafel data collection. Tafel plots were also measured for
catalyst films deposited on a Pt disk electrode rotated at 1000 and 2000 rpm; the Tafel slopes
(Figure 4.3) for these two different rotation rates were identical, indicating that the reaction is not
subject to limitations of mass transport over the current range studied here.
Figure 4.2 also provides a lower limit of the turnover frequency for 02 production per Co.
In this study, films were prepared at a potential where oxygen evolution does not occur. Thus the
number of Co atoms deposited in the catalyst film is proportional to the charge passed (C) during
film deposition with the assumption that deposition results from a Co 1 to Cor' oxidation
reaction. Such an assumption is validated by EPR4 7 and XAS 46 studies which point to a
predominantly Co3+ containing film at the potential of electrodeposition, 1.05 V. Applying the
equation, i/4C, yields a lower limit turnover frequency at rI = 410 mV of 2.6, 2.0 and 1.4 x 10-3
s-1 for 6, 24 and 60 mC/cm2 films respectively.
4.2.3 pH Dependence
The pH dependence of Co-Pi was examined by introducing the catalyst film into Co-free
Pi electrolyte solutions. The potential applied to the catalyst was held constant at 1.18 V and the
pH of the solution was incrementally increased from 5.8 - 8.5. The electrode was operated at
each pH step for 5 min to ensure that the pH and current had attained steady state conditions.
Measurement of the current density at fixed potential allows for the direct interrogation of the
reaction order in H* activity. A plot of the log of the current density vs. pH (Figure 4.4) exhibits
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Figure 4.4. pH dependence of steady-state catalytic current density at constant potential (E = 1.08 V) for a
catalyst film functioning in 0.1 M Pi electrolyte.
linearity from pH 5.8 - 7.5 and a slope of 1.0 whereas a negative deviation from linearity is
observed beyond pH 8. At pH values greatly exceeding the second pKa (7.2) of phosphate, the
electrolyte becomes a poor buffer and the local pH is suppressed relative to its bulk value,
resulting in attenuated current densities. The problem is compounded by the fact that the current
density is expected to increase in an exponential fashion as the pH is increased at constant
applied potential, rapidly overwhelming the buffering capacity of phosphate.
To examine the pH dependence of water oxidation over a wider range of pH values, a
galvanostatic titration was conducted. The potential required to sustain a constant current density
of 30 pA/cm2 was measured while the pH was incremented from 4.6 - 12 (Figure 4.5). At this
low current density, local pH gradients are obviated and the potential varies linearly with pH to
-9.2 after which a slight negative deviation in the slope is observed. A linear fit of the data in
Figure 3 over the pH range 4.6 - 9.2 yields a slope of -64 mV/pH unit. The data are unaffected
by repeating the titration in the presence of excess inert electrolyte, 0.5 M KNO3, ruling out
diffuse double layer effects.49' 50 In this galvanostatic experiment, the potential dependence of the
current density (the Tafel behavior) is convoluted with the slope of the potential vs. pH plot.48
Specifically,
-. E ) log(i) (1)
apH kalog(i) pH 8pH E
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Figure 4.5. pH dependence of steady-state electrode potential at constant current (iaodie = 30 pA/cm2) for a
catalyst film operated in 0.1 M Pi electrolyte.
Thus, the observed -64 mV/pH unit slope in the galvanostatic experiment is consistent
with the Tafel slope of 62 mV/decade obtained from potentiostatic measurements for unity order
in pH, as observed in Figure 4.4. These studies establish a first order dependence of log(i) on pH
and, therefore, an inverse first order dependence of the current density on proton activity.
4.2.4 Phosphate Dependence
The dependence of the current density on the concentration of phosphate in solution was
ascertained from Tafel data that was collected on catalyst films operating in Pi electrolyte
solutions at concentrations of [Pi] = 0.03, 0.1, 0.3 and 1 M at pH 7.0 (Figure 4.6a). In the case of
0.48 -31.28 -(a) (b)
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Figure 4.6. (a) Tafel plots, V = (Vappi - iR), r = (V - E*), of catalyst films operated at pH 7.0 in cobalt-free
solution consisting of: 0.03 M Pi and 0.07 M NaClO4 (*), 0.1 M Pi (e), 0.3 M Pi (*), and 1.0 M Pi (m). (b)
Phosphate concentration dependence of steady-state catalytic current density, interpolated from (a), at constant
potential (E = 1.10 V (m), 1.15 V (e), 1.20 V(A), 1.25 V(*)) for a catalyst film operated in Pi electrolyte. For
all potentials, the order in phosphate is effectively zero.
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0.03 M Pi electrolyte, 0.07 M NaClO 4 was added to maintain solution conductivity. Tafel data
were collected from independent films prepared from depositions that passed 24 mC/cm2. All
Tafel plots exhibit slopes between 60 and 62 mV/decade and exchange current densities between
4 and 6 x 10-1 A/cm 2 (Figure 4.6a). Interpolation of each Tafel plot at 1.10, 1.15, 1.20 and 1.25
V yields steady state current data as a function of the log of the phosphate concentration (Figure
4.6b). Consistent with the similarity in Tafel slopes and exchange current densities, a zeroth
order dependence on phosphate concentration is observed at each potential.
4.2.5 OER in the Absence of a Weak-Base Electrolyte
The kinetic profile of the catalyst in the absence of a proton-accepting electrolyte was
determined by interrogating catalyst performance in NaClO 4 solutions. Steady state current
densities were measured on a 24 mC/cm2 catalyst film deposited on a Pt rotating disk electrode
in 0.1 M NaClO 4 at pH 8 for a variety of rotation rates, o, and applied potentials. The bulk pH
was maintained at 8.00 ± 0.05 over the duration of the experiment by periodic addition of dilute
NaOH (see Experimental Methods). For each potential value examined, a Kouteckf-Levich plot
of 1 vs. co-1/2 (Figure 4.7) was extrapolated to infinite rotation rate (o-1/2 = 0) to determine the
activation controlled current density in the absence of mass-transport limitations. 51 For all data
points, ohmic potential losses amounted to less than 1 mV and were ignored. Figure 4.8 shows
the Tafel plot of the applied potential vs. the log of the activation controlled current density. The
data points exhibit linearity over a 0.15 V potential range and a slope of 170 mV/decade. Upon
collection of Tafel data in 0.1 M NaClO4, the Tafel plots of same films were recorded in 0.1 M
600
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Figure 4.7. Koutecky-Levich plots of a catalyst film operated in cobalt-free 0.1 M NaClO 4, pH 8.0, at applied
potentials of 1.24 (o), 1.21 (A), 1.18 (m), 1.15 (+), 1.12 (*), and 1.09 (*) V.
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Figure 4.8. Tafel plots, V = (Vappi), -i = (V - E4), of Co-Pi catalyst films deposited on Pt rotating disk electrodes
and operated in cobalt-free 0.1 M NaClO 4, pH 8.0 (o). Activation controlled current density values were derived
from Kouteckf-Levich analysis of steady-state current densities measured at multiple rotation rates. Data are the
average of three independent runs and error limits fall within the size of the points. The Tafel plot (A) of a
catalyst film evaluated at 2000 RPM rotation rate in 0.1 Pi electrolyte pH 8.0 immediately after data collection in
0.1 M NaClO4 is shown for comparison. Tafel slopes are 170(o), and 59(A) mV/decade.
Pi electrolyte at pH 8.0. Tafel slopes of 59 mV/decade were obtained, similar to that observed at
pH 7.
4.2.6 Cyclic Voltammetry
Cyclic voltammetry (CV) of a 24 mC/cm2 catalyst film in Co-free Pi electrolyte was
employed to examine oxidation state changes in the film as a function of applied potential
1.2 1.0 0.8 0.6
V(vsNHE)
Figure 4.9. Cyclic voltammogram of a freshly prepared catalyst-coated FTO electrode, 10 mV/sec scan rate, in
0.1 M Pi electrolyte, pH 7.0. Background trace of an uncoated FTO electrode in the same electrolyte medium (- -
-). Five consecutive cycles, taken without pause are shown. Up and down arrows indicated progression upon
successive scanning.
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(Figure 4.9). On the initial anodic sweep from the resting potential, a featureless rise in current is
observed through the catalytic wave. The return cathodic scan exhibits two very broad peaks at
1.10 and 0.87 V, both of which become more ill-defined upon further scanning. Subsequent
anodic scans exhibit a very broad anodic wave with a half-wave potential of 0.92 V followed by
onset of catalysis at ~1.1 V. Integration of the anodic feature prior to 1.09 V accounts for 20% of
the Co that was deposited in the film. All of the CV features are preserved after the electrode has
been subjected to two consecutive collections of Tafel data, indicating that the electrode is not
significantly altered over the course of Tafel data collection. Repetitive scanning over the range
0.5 - 1.25 V leads to minimal diminishment in the anodic and cathodic waves and the magnitude
of the catalytic wave is unaltered. No additional cathodic features are observed if the return scans
are extended to 0.0 V.
4.2.7 180 Isotope Tracer Experiments
Insight into the nature of the 0-0 bond formation step is furnished from measurements
of the isotopic distributions of 02 evolved from 80-enriched catalyst films operating in
nonenriched Pi electrolyte. The 18O-enriched catalyst films were prepared by controlled potential
electrolysis of 0.5 mM Col in Pi electrolyte solutions enriched with 87% 180H2.
Electrodepositions of the catalyst films were carried out at 1.10 V with the passage of 1.5 - 6.8
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Figure 4.10. In-line MS detection of evolved 3202 (-), 34o2 (-), and 362 (-n) from a catalyst film enriched
with 87% "'O and operated in unenriched 0.1 M Pi electrolyte solution. Film prepared in a deposition that passed
30 mC (4.2 mC/cm ). The cell was isolated from the MS (red arrow), operated galvanostatically at 6 mA (0.83
mA/cm2) for 27.8 min (10 C passed), allowed to equilibrate, and reopened (green arrow) to the MS. Inset shows
"O2 (-), and 3602 (-) signals on an expanded ordinate axis.
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mC/cm 2 . At this voltage, the film forms but does not evolve oxygen. The amounts of charge
passed in the depositions correspond to film thicknesses of < 10 nm (vide supra). The use of
extremely thin films minimized the amount of 1OH2 that could be trapped in the film. Following
the deposition from a Coll solution in 87% 18 0H 2, the electrodes with the catalyst films were
transferred to Cor-free Pi electrolyte enriched with 87% 180H2, pulsed at 1.3 V for 100 s to
effect catalytic turnover in the enriched electrolyte, and then allowed to equilibrate at open
circuit for 30 min. Films were then thoroughly rinsed in non-enriched Pi electrolyte (natural
abundance of I80 = 0.2%) and placed in a gas tight electrochemical cell containing non-enriched
Pi electrolyte that was placed in-line with a mass spectrometer (MS). The cell was purged of
atmospheric 02 until the signal reached a baseline level (data shown in Figure 4.10 prior to the
red arrow). The cell was then isolated from the MS and electrolysis was initiated (data shown in
Figure 4.10 after the red arrow). Upon conclusion of electrolysis, the cell was opened to the MS
(data shown after green arrow in Figure 4.10). The signals for 3202, 3402 and 3602 rise rapidly,
reach a peak after several minutes, and decay back to their baseline levels over the course of 6 -
8 h. In certain cases, the experiment was repeated using the same electrochemical cell and
electrode after all MS signals had returned to their baseline levels. All traces were corrected for
the instrument background for each signal, as well as residual air. In addition, the 3402 signal was
corrected for 3402 produced statistically from the 0.2% 18 OH2 present in nonenriched water. This
residual 18OH2 contributed negligibly to the 3602 signal and was ignored. We also note that if
exchange of the 180 label in the catalyst film with bulk solvent was complete, it would contribute
<2 x 10-5 % to the 0.2% natural abundance of 18 0H2 in nonenriched solution and accordingly
any contribution to 3402 produced statistically from such exchange was ignored.
Table 4.1 summarizes the results of the labeling experiments. The charge passed during
the deposition in '8 O-enriched electrolyte was varied from 1.5 - 6.8 mC/cm 2 while the charge
passed during electrolysis in nonenriched Pi electrolyte was varied from 0.55 - 10.0 C. Noting
that oxygen evolution occurs with quantitative Faradaic efficiency,1, 38 the total charge passed in
each electrolysis was used to determine the moles of 02 evolved. Integration of the 3202 and 3402
peaks was used to estimate the ratio of the amounts of the two gases evolved in each run and this
ratio, combined with the moles of 02 evolved, was used to estimate the percentage of the
deposited 180 label that was extruded from the material as 3402 during electrolysis in
nonenriched electrolyte.
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Table 4.1. Ratio of 202 to "02 released from 87% '8O-enriched catalyst films.
# depositiona electrolysisb 3202/ 402 % "O extruded
1 10 mC (1.5 mC/cm 2) 0.55 C (0.08 C/cm 2) 120 7
2 30 mC (4.9 mC/cm2) 1.4 C (0.23 C/cm 2) 140 5
3a" 30 mC (6.8 mC/cm 2) 1.4 C (0.32 C/cm2 ) 110 6
3b" 1.4 C (0.32 C/cm 2) 140 5
4a" 30 mC (4.2 mC/cm 2) 10.0 C (1.4 C/cm 2) 310 15
4b4 10.0 C (1.4 C/cm2) 710 7
a charge passed during electrodeposition in 87% "O-enriched Pi electrolyte. b charge passed during
electrolysis in unenriched Pi electrolyte immediately prior to MS detection. 'a and b denote first and
second electrolysis runs using the same electrode.
Isotopic distributions of 02 evolved from '8OH 2-enriched catalyst films indicate that a
significant percentage of the estimated total 180 contained in the films was extruded in the form
of 302 and, to a lesser extent, 3602 (Table 3.1 and experimental methods section). The extrusion
of the label did not occur in an initial burst of 3402 or 3602 from the film, as indicated by isotopic
distributions recorded after very short electrolyses (data not shown). Thus, appreciable 180
extrusion that enabled MS detection of 302 and 3602 required prolonged electrolyses.
Consequently, the MS counts consist of considerably more 3202 than 302 or 3602. For
electrolyses that passed 0.55 - 1.4 C, (0.08 - 0.32 C/cm2), the ratio of 3202 to 3402 was greater
than 100:1. Electrolyses that passed significantly larger amounts of charge (10 C, 1.4 C/cm2),
exhibited ratios of -300 - 700:1. Subsequent electrolyses after MS signals returned to baseline
levels utilizing the same electrode exhibited additional 180 extrusion. Together, the results
indicate a slow extrusion of 180 in the form of 3402 or 3602 from the enriched catalyst
concomitant with the catalytic production of a large excess of 322. Extensive electrolysis
(passage of 20 C) of a catalyst film (30 mC deposition) over two consecutive runs led to an
aggregate extrusion of 22% of the 180 label (runs 4a and 4b in Table 4.1) after 12 hrs.
4.3 Discussion
The Tafel relation between potential and the steady state current density together with
studies of the reaction order with respect to pH provide a basis for mechanistic interpretation of
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the OER catalyzed by Co-Pi. The current density measured at steady state is directly proportional
to the rate of the underlying reaction for electrochemical reactions that are not mass-transport
limited.48 This condition applies to the electrokinetic studies of Co-Pi described here, as
evidenced by the rotating disk current-voltage data shown in Figure 4.3. Tafel plots collected at
1000 and 2000 RPM of Co-Pi films on a Pt rotating disk electrode exhibit similar slopes (61
mV/decade) to those collected on a stationary FTO electrode (62 mV/decade) in a stirred
solution, indicating that the observed currents are not limited by mass transport to the catalyst
films over this current/potential range (Figure 4.3). The Tafel data are reproducible between
sequential potential sweeps and are insensitive to the direction of potential sweep, indicating that
the film is not appreciably altered over the course of Tafel data collection. In addition,
measurable steady-state current is observed upon application of an overpotential of > 0.2 V. At
these overpotentials, any current arising from the oxygen reduction back reaction can be safely
ignored and, thus, kinetic information about the OER can be deduced directly from the steady
state current (rate) measurements.
Although the activity of the film increases markedly as the film thickness is increased
from 10 - 90 nm, the slope of the Tafel plot is similar over the same range of current densities for
all thicknesses examined, indicating that the reaction kinetics are not influenced by barriers to
electron transport or mass transport within the film (Figure 4.2). We note the films examined in
this study are significantly thinner than the ~ 1 ptm thick films reported originally.76 ,38 Tafel plots
of those films exhibit higher slopes and slight deviations from linearity at high current densities,
suggesting that barriers to electron and/or mass transport within the film do arise for thick
catalyst layers. The Tafel slope of nearly 59 mV/decade observed for the thin films studied here
indicates that a single mechanism is dominant over the potential range investigated. The transfer
coefficient for the OER is 1, which is consistent with a chemical turnover limiting step following
a single electron pre-equilibrium (vide infra).48 Inasmuch as the electrochemical kinetics are not
sensitive to film thickness for films <100 nm, increased activity with increasing thickness of the
film is likely due to an increased number of active sites and not due to an increase in the intrinsic
rate of turnover of those active sites. Indeed, all three film thicknesses exhibit similar lower limit
turnover frequencies (TOF) of -2 x 10-3 s- at an overpotential of 410 mV. This TOF estimate
assumes that every Co center in the film is catalytically active. Since the vast majority of the
cobalt centers in the film are expected to play a purely structural role, this is a gross
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underestimate of the real TOF of active sites. However, as we currently have no direct measure
of the electrocatalytically active surface area or the active site density, we present this value
purely for the purposes of comparing different film thicknesses. The similarity in the TOF
amongst films of varying thicknesses suggests that the films are permeable to the water substrate
and that the OER is not confined to the outer surface of the catalyst layer. As such, higher
geometric current densities for Co-Pi may be achieved simply by increasing the number of Co
active sites on the anode by growing a thicker film.
The OER involves the removal of four protons per equivalent of 02 generated and thus an
explicit pH dependence may be expected in the rate law for catalysis. Interrogation of the pH
dependence by both potentiostatic (Figure 4.4) and galvanostatic (Figure 4.5) techniques
indicates an inverse first-order dependence on proton activity, which is consistent with loss of a
single proton in an equilibrium step prior to the turnover-limiting process. While phosphate is
neither a reactant nor product in the overall water oxidation reaction, it can serve as a proton
acceptor in reactions involving PCET transformations (vide infra). Notwithstanding, the zeroth
order dependence of phosphate over a >1.5 decade range of phosphate concentration (Figure 4.6a
and b) indicates that proton transfer to phosphate is not involved in the turnover-limiting step and
therefore proton transfer is also not turnover-limiting since phosphate is the only viable proton
acceptor in solution. Moreover, turnover-limiting proton transfer to surface bound phosphate is
unlikely provided that phosphate has not saturated the catalyst film over the potential range
studied here. We note that turnover-limiting internal proton transfers, as might be required for
oxo-hydroxo exchange between catalyst active sites, cannot be ruled out.
The data in Figure 4.2 - 4.6 point to an electrochemical rate law that is described by the
following expression:
i = ko(a+)-'exp () (2)
where ko is a potential-independent constant. This constant is proportional to the exchange
current density and therefore will increase as catalyst loading increases as observed in Figure 1.
The rate expression carries the observed inverse first order dependence on proton activity, aH
(Figure 4.4 and 4.5), the zeroth order dependence on phosphate (Figure 4.6) and the exponential
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relationship with potential, E (Figure 4.2). Rearrangement of the log form of eq 2 yields a Tafel
slope, EBlalog(i), of 59 mV/decade that is also consistent with the experimental data shown in
Figure 4.2.
Eq 2 is consistent with a mechanistic sequence involving a reversible one electron, one
proton equilibrium step followed by a rate-limiting chemical step:48
A B+e-+ H+ (3)
B -* C (4)
For such a sequence, the reaction velocity at steady state, v, can be described by, 48
v = k20B (5)
where k2 is the rate constant for the chemical step and the 9 B is the surface coverage of the
intermediate participating in the rate-limiting chemical transformation. Specifically, 0 B is the
surface concentration of B (F, in mol/cm 2) divided by the maximum surface concentration
(Fmax). We note that the number of active sites in the film may represent a small proportion of the
total number of solvent exposed Co centers in the film. Thus, Emax does not equal the number of
exposed Co centers per cm 2, but rather the number of active sites per cm2 and 6 B represents the
fraction of these active sites in the form of intermediate B. Similarly, OA is the fraction of active
sites in the form of intermediate A. The ratio of 9 B to OA is described by the Nernst equation,4 8
B= K(aH+)-exp (FE (6)
OA \RT/
where Ki is the equilibrium constant at E = 0. This expression corresponds to a quasi-equilibrium
assumption for the conversion of A to B. Substituting for OB in eq 5 yields
V = 6AKlk 2 (aH+)-lexp (F) (7)
If the surface coverage of the catalyst in its resting state, A, is assumed to be appreciable (> 0.9)
throughout the potential range in which Tafel and other kinetic data are collected, then OA should
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not change appreciably with potential and, therefore, can be set to be constant. Under these
conditions, eq 7 approximates the experimental rate law with
ko= 4F x OAKlk 2  (8)
The assignment of chemical species to A, B, and C in reactions (3) and (4) is aided by
insight into oxidation state changes in the film as a function of the applied potential. The CV of a
freshly prepared catalyst film exhibits an anodic feature with a half-wave potential of 0.92 V and
a very broad feature on the cathodic sweep that begins to decay at 0.9 V (Figure 4.9). No
additional cathodic features are observed in CV scans taken to 0.0 V. The observed half-wave
potential of 0.92 V is typical of a Co"r1 redox couple; the Co(OH) 2+'0 couple is estimated to be
1.1 V53 and the Pourbaix diagram of cobalt indicates that oxidation of C030 4 to Co(O)OH occurs
at -0.75 V at pH 7.54 The Col" couple at 0.92 V for Co-Pi occurs -0.17 V negative of the
catalytic wave for water oxidation. Thus, the predominant Co oxidation state is expected to be III
or higher during catalysis. Accordingly, we attribute the pre-equilibrium step (A 4 B) to a
formal Co"' 4 CoW redox transition that is coupled to a proton transfer. The electrokinetic
behavior described by eq 7 is in accord with CoW (B) as the minor component of this pre-
equilibrium. As has been detailed in the literature,4 8 OB must be less than 10% for the equilibrium
to exhibit a Nernstian dependence on potential. Thus, at the highest potential (1.27 V) that Tafel
data were collected, the maximum fractional surface coverage of CoW (&Bma) is 10%, and OB is
expected to diminish by an order of magnitude per 60 mV decrease in potential.
EPR spectra of Co-Pi films subjected to prolonged electrolysis at 1.14 V, a value
sufficient for water oxidation, exhibit a CoW signal estimated to arise from 3% of the cobalt
centers in the film. 47 Noting the sizeable dead time (25 min) between termination of electrolysis
and freezing of the EPR sample, we expect the population of CoW in the film during electrolysis
at 1.14 V to be significantly in excess of the residual 3% observed by EPR. In line with this
contention, recent in situ X-ray absorption near-edge spectroscopy (XANES) data are consistent
with an appreciable population of CoW when the films are held at potentials sufficient for water
oxidation catalysis.46 The large population of CoW observed by EPR and in situ XANES
suggests, therefore, that the catalyst resting state, A, comprises CoIIU mixed valence clusters.
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The pre-equilibrium redox process (A <.2 B) therefore corresponds to further oxidation of the
Co '"' mixed valence clusters preceding a turnover-limiting chemical process.
The catalytic intermediates most commonly invoked for the OER reaction are M-OH2,
M-OH, and M-O species. The pH titration data of Figure 4.5 helps in distinguishing these
species. The nearly linear dependence of the slope in Figure 4.5 to a pH of 12 suggests that the
reactant in the equilibrium step defined by reaction (3) has a pKa in excess of 12. Recent studies
have measured a pKa 2.9 for Co"'(OH2)6.55 Additionally, potentiometric titration data for C030 4
indicates a pH of zero charge (pHz) of ~7.5.9 The pHz estimates the average of the first and
second pKa values of surface bound water5 6 and, therefore, suggests a first pKa lower than 7.5.
Thus, the pKa of Co"I-OH2 species on the catalyst surface in Co-Pi is expected to be much less
than 12. As such, the pH titration data argues against an equilibrium between Co"I-OH2 and
CoW-OH. Taken together with the CV data, these results suggest that reaction (3) is defined by
the following PCET equilibrium at pH 7,
[Co"'-OH] # [Corv-0] + e- + H+ (9)
where the reactant side of eq 9 highlights the Co"I species of mixed valence cluster (species A)
and the product side of eq 9 highlights oxidation of the center (species B). We note that the
oxidation state assignments may be poorly representative of electronic structure since the charge
may be delocalized among the Co atoms comprising the active site.
The PCET reaction of eq 9 persists in quasi-equilibrium during turnover in the presence
of phosphate electrolyte. The key role of phosphate in maintaining this equilibrium is
demonstrated by the Tafel behavior of catalyst films evaluated in 0.1 M NaClO 4, pH 8.0 (Figure
4.8). A Tafel slope of ~170 mV/decade is observed in this unbuffered medium along with a
significant diminution of catalyst activity relative to the same film evaluated in Pi electrolyte at
pH 8. The current densities plotted in Figure 4.8 are corrected for mass-transport limitations
using Kouteckf-Levich plots (Figure 4.7), and, thus, cannot be merely attributed to local pH
changes. Tafel plots of a catalyst film in 0.1 M Pi, pH 8, generated immediately after
experiments conducted in 0.1 M NaClO 4, pH 8.0, exhibited a slope of 59 mV/decade (Figure 4.8)
and this Tafel data overlays with data obtained from a fresh film under identical conditions. This
observation indicates that the film does not degrade during experiments in unbuffered solutions.
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The marked increase in the Tafel slope in an unbuffered medium is consistent with a
change in mechanism. Slopes significantly larger than 120 mV/decade are indicative of a
turnover-limiting single electron transfer with a very high symmetry factor, p, which occurs from
the catalyst resting state,48 or a turnover-limiting chemical process occurring from the same
resting state20 (species A). In either case, the high slope indicates that the only available bases in
an unbuffered medium (i.e. H2 0 and C104-) cannot support the PCET equilibrium described in
eq 9; at pH 8, the concentration of OH is too low to support this equilibrium. The inability of
water to be an efficient acceptor in PCET reactions has also been observed in the PCET
interconversions of homogeneous Os"-OH2, Os"'-OH, and OsW=O complexes. 57 Studies of
these osmium complexes and other systems have shown that buffers such as phosphate are
efficient in triggering concerted PCET reactions that occur with high kinetic facility. These
precedents, taken together with the results described here in unbuffered electrolyte, lead us to
conclude that phosphate species, as opposed to OH 2 or OH-, are the proton acceptors in the pre-
equilibrium step. A buffer strength of 0.03 M is sufficient to maintain this equilibrium (Figure
4.6). While HP0 42- is the most efficient proton acceptor at pH 7, the linearity in the
galvanostatic pH profile (Figure 4.5) to pH 4.6 suggests that H2P0 4 - is also a kinetically
competent proton acceptor in this PCET equilibrium.
Films prepared from isotopically labeled 18OH2-enriched water yield 3202 and 3402 and,
to a lesser extent, 3602, when operated in non-isotopically labeled water (Figure 4.10). A real-
time measure of the generation of labeled 02 cannot be obtained because water oxidation must
be performed over the time period of several minutes for appreciable quantities of 02 to be
detected by mass spectrometry (see Experimental Methods). Additionally, to permit efficient
purging of the in-line MS setup, '80-labeled catalyst films were equilibrated for a minimum of 1
hr in unenriched water prior to electrolysis. Thus, interpretation of the results hinges on
assumptions made regarding exchange of the label from catalysis films with bulk solvent. Rapid
exchange of all or most of the label can be ruled out by the observation that substantial
percentages of label are accounted for by 3402 and 3602. For example, over the course of two
extensive electrolyses with the same film (passage of 2.8 C/cm 2 in aggregate, corresponding to
>150 turnovers per Co), ~22% of the 180 deposited in the material can be accounted for in 3402
and 3602 products. As noted above, the volume of the unenriched electrolyte used in these
experiments is large enough that quantitative exchange of the labeled 180 in the film with bulk
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solvent would contribute a negligible additional amount to the natural 0.2% 180 abundance in the
electrolyte. We note, however, that the extrusion of a substantial percentage of 180 from the film
in the form of 3402 and 3602 says little about the rate of exchange of 180 atoms at active Co
centers that may comprise a small portion of the material.
Labeling studies indicate that phosphate in a thick Co-Pi film exchanges appreciably with
phosphate in solution in 1 hr at both open circuit and at a potential sufficient for water oxidation.
These results suggest that terminal Co- '8 OHx species in the extremely thin films used in the 180
experiments here are subject to exchange with bulk solvent in the time required to purge the gas-
tight electrochemical cell (> 1 hr) prior to the initiation of electrolysis. If the terminal Co- 'O8 Hx
species at active centers are exchanged with bulk solvent prior to electrolysis but p-oxo/p-
hydroxide moieties at these centers are subject to much slower exchange, then the observation of
3402 and 3602 may be ascribed to the participation of g-oxo/p-hydroxide moieties in oxygen
production. This proposal is in line with MS studies of NiCo20 458'59 and Ru0 260 that demonstrate
the participation of O-atoms of the oxide lattice in 02 evolution. In this mechanistic picture, the
slow extrusion of label during the catalysis may result from relatively slow migration of an 18o
to a position suitable for participation in 0-0 bond formation. Thus, multiple turnovers with p-
oxo/g-hydroxide derived from unenriched solvent accompany a single turnover involving an 18o
originally incorporated in the film. We note, however, that this analysis assumes that a single
mechanism predominates in the film. We cannot rule out that the slow extrusion of 180 reflects a
minor pathway for 02 evolution that contributes negligibly to the observed electrokinetics. Due
to the ambiguities associated with interpreting the 180-labeling results, studies which identify the
rate and nature of oxo-exchange in these films are needed before specific conclusions can be
drawn about the mechanism of 0-0 bond formation.
A proposed reaction pathway for the overall transformation is shown in Figure 8 using
the molecular cobaltate cluster (MCC) model derived from XAS studies.46 We note that catalytic
active sites may reside on minority structural motifs in the film that are not observed by XAS.
While XAS studies have been unable to resolve the species which terminate the clusters, we
postulate that terminal or bridging phosphate moieties are likely, in addition to terminal or
bridging OHx ligands. This contention is in line with the 2:1 Co:P ratio in the films37,38 along
with the potential dependent exchange rate of the incorporated phosphate. 40 Notwithstanding
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Figure 4.11. Proposed pathway for OER by Co-Pi. A PCET equilibrium proceeded by a turnover-limiting 0-0
bond forming step is consistent with current dependencies on proton and electron equivalencies. Curved lines
denote phosphate, or OH,, terminal or bridging ligands.
phosphate's potential role in capping the clusters, we note that phosphate binding to active sites
is excluded based on the zero order dependence on buffer strength (Figure 4.6). Thus, we
postulate that OH, terminated cluster edges comprise resting state of catalyst active sites (Figure
4.11). Given the pre-equilibrium shown in eq (3) and the observed 60 mV Tafel slope, the
[CoIv-0] product participates in a turnover-limiting chemical step. The electrochemical rate law
is consistent with a proton independent chemical step and as such, it is reasonable to conclude
that the 0-0 bond is formed in this irreversible chemical process. We note that this turnover-
limiting chemical process may be composed of one or more elementary chemical steps, which
would be electrochemically indistinguishable. Mechanistic details of how the 0-0 bond forms
and the precise nature of the turnover-limiting elementary step remain to be determined.
4.4 Conclusion
Electrochemical studies show that 02 production from Co-Pi involves a turnover-limiting
chemical step that is preceded by a one-electron, one-proton PCET equilibrium step. The
phosphate electrolyte plays the essential role of maintaining this PCET equilibrium by
facilitating rapid proton transfer. Cyclic voltammetry experiments suggesting that the operative
catalytic intermediate assumes a formal oxidation state of Cov and spectroscopic results point to
a catalyst resting state composed of Co"" mixed valence clusters.
The kinetic information obtained here may be leveraged to systematically improve this
catalyst system. Incorporation of metal atom dopants that lower the thermodynamic potential of
the PCET pre-equilibrium or that promote a more facile 0-0 bond formation may lead to
enhanced activity at lower overpotential. In cobaltate materials related to the catalysts reported
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here, transition metals such as Mn,61 Ni, 62 and Ru63 have been shown to substitute for Co. The
effects of such metal ion substitution on the critical electrokinetic steps uncovered in this study
are currently under investigation.
4.5 Experimental Methods
Materials. Co(N0 3)2 99.999% was used as received from Aldrich or Strem. KOH 85%
(VWR International) and NaClO 4 (Fluka) were reagent grade and used as received. KH2PO 4 was
used as received from Mallinckrodt. All electrolyte solutions were prepared with reagent grade
water (Ricca Chemical, 18 MQ-cm resistivity). 18 OH 2 (97% enriched) was used as received from
Cambridge Isotope Laboratories. Indium-tin-oxide coated glass slides (ITO) were purchased
from Aldrich (8-12 Q/sq surface resistivity). Fluorine-tin-oxide coated glass (FTO; TEC-7) was
purchased as pre-cut 1 cm x 2.5 cm glass pieces from Hartford Glass. Unless otherwise stated,
all experiments used FTO with 7 Q/sq surface resistivity.
Electrochemical Methods. All electrochemical experiments were conducted using a CH
Instruments 730C or 760C potentiostat, a BASi Ag/AgCl reference electrode, and a high surface
area Ni-foam or Pt-mesh counter electrode. Rotating disk electrode measurements were
conducted using a Pine Instruments MSR rotator and a 5 mm diameter Pt-disk rotating electrode.
All electrochemical experiments were performed using a three-electrode electrochemical cell
with a porous glass frit separating the working and auxiliary compartments. Each compartment
consisted of 50 mL of electrolyte solution. Unless otherwise stated, all experiments were
performed at ambient temperature (21 ± 1 *C) and electrode potentials were converted to the
NHE scale using E(NHE) = E(Ag/AgCl) + 0.197 V. All overpotentials were computed using 7 =
E(NHE) - 0.81 V. Unless otherwise stated, the electrolyte was 0.1 M potassium phosphate, pH
7.0 (Pi electrolyte).
Film Preparation. Catalyst films were prepared via controlled-potential electrolysis of
Pi electrolyte solutions containing 0.5 mM Co . Depositions were carried out using an FTO-
coated glass piece as the working electrode. FTO-coated glass pieces were rinsed with acetone
and water prior to use in all experiments and a -0.5 cm wide strip of Scotch tape was affixed to
the FTO coated side such that a 1 cm2 area was exposed to solution. Unless otherwise stated,
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controlled potential electrolysis was carried out on quiescent solutions at 1.05 V with passage of
24 mC/cm2.
Cyclic Voltammetry. Catalyst films used for CV studies were prepared as described
above, rinsed in fresh Pi electrolyte, and transferred, without drying, to Co-free Pi electrolyte
solution. CV scans were initiated at the rest potential and five cycles were taken consecutively
without pause in quiescent solution at a scan rate of 10 mV/sec (Figure 4.9).
Potentiostatic Tafel Data Collection. Current-potential data were obtained by
conducting controlled potential electrolyses in Pi electrolyte at a variety of applied potentials.
Prior to film preparation, the solution resistance was measured in the electrolysis bath to be used
for Tafel data collection using the IR test function. The electrolysis solution was exchanged for
Co2 -containing Pi electrolyte and the film was prepared by controlled-potential electrolysis as
described above. Following film preparation, the working electrode was rinsed in fresh Co-free
Pi electrolyte and transferred, without drying, to the same electrolysis bath from which the
solution resistance was measured. The electrode was allowed to equilibrate with the electrolysis
solution for 5 min while being held at the open circuit potential. The solution was stirred and
steady-state currents were then measured at applied potentials that descended from 1.3 V to 1.09
V proceeding in 10-30 mV steps. For currents greater than 10 pA/cm 2, a steady state was reached
at a particular potential in less than 400 sec. For currents lower than 10 pA/cm 2, longer
electrolysis times (as great as 20 min) were utilized to ensure that a steady state had been
achieved. Tafel data were collected twice in succession with a 5 min pause between runs during
which the electrode was held at open-circuit. The solution resistance measured prior to the data
collection was used to correct the Tafel plot for ohmic potential losses. Tafel data collected in
succession using the same electrode exhibited good reproducibility. Good reproducibility was
also observed for Tafel data collected using two independently prepared electrodes.
Dependence of Tafel Data on Direction of Sweep. To examine whether Tafel data were
sensitive to the direction of potential sweep, a set of Tafel data was collected using potential
steps descending from 1.3 V to 1.09 V proceeding in 10 - 30 mV increments. The electrode was
then held at open-circuit for 5 min and Tafel data were collected using ascending potential steps
incremented from 1.09 V to 1.3 V proceeding in 10 - 30 mV increments. Tafel data are largely
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insensitive to direction of sweep over a roughly 2.5 decade range in current density from 10-6 to
10- A/cm2 but exhibit a slight hysteresis at high current values.
Dependence of Tafel Data on Film Thickness. To assess the dependence of the Tafel
data on catalyst loading and film thickness, data were collected using the above procedure using
catalyst films grown with passage of 6, 24 and 60 mC/cm2 (Figure 4.2). For the 6 mC/cm 2 film,
the deposition duration was approximately 800 sec. Thus, in all cases, non-faradaic charging
currents contributed negligibly to the total charge. Tafel slopes of 61, 62 and 60 mV/decade were
observed for the 6, 24 and 60 mC/cm 2 films, respectively.
The thickness of the films was estimated by assuming that each cobalt is ligated by six
oxygen atoms in an octahedral configuration. Assuming a Co-O distance of ~1.9 A (as indicated
by EXAFS data),46 the primary coordination sphere of each cobalt atom occupies a cube 3.8 A in
width. Taking note of the high phosphate content of these films, it is more reasonable to assume,
as an upper limit, that each Co occupies a cube 5 A in width, defining a volume of 125 A3 . This
estimate is in line with EXAFS data of thin films that points to an average structural unit
consisting of 7 cobalt atoms arranged in a planar cobaltate lattice. This structural unit, taken
together with several phosphates, defines a -700 A3 slab. Thus, 125 A3/Co serves as a reasonable
upper limit. Using this estimate, a film monolayer requires a charge of 0.06 mC/cm2 and is 0.5
nm thick. As such, films prepared with passage of 6, 24 and 60 mC/cm2 are estimated to be 50,
200 and 750 nm thick, respectively.
Rotating Disk Electrode Studies. To assess whether Tafel data were subject to mass
transport limitations, data were collected using a rotating disk electrode. A Pt-disk rotating
electrode, polished to a mirror shine with 5 pm alumina, was used as the substrate for catalyst
deposition. Prior to film preparation, the solution resistance was measured in Co-free Pi
electrolyte while the working electrode was rotated at the rate to be used for subsequent Tafel
data collection. The electrolysis solution was exchanged for Co -containing Pi electrolyte and
the film was prepared by controlled potential electrolysis as described above with a 0 RPM
rotation rate. Following film preparation, the rotating disk electrode was rinsed in fresh Co-free
Pi electrolyte and transferred, without drying, to the same electrolysis bath from which the
solution resistance was measured. Rotation was initiated and Tafel data were collected as
described above, but with the potential stepped from 1.3 V to 1.14 V. iR corrected Tafel data
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collected at 1000 rpm and 2000 RPM are compared with data collected on a stationary FTO
electrode in a well stirred solution in Figure 4.3. Tafel plots collected at 1000 and 2000 RPM
exhibit similar slopes (61 mV/decade) and current densities to those collected on a stationary
FTO electrode (62 mV/decade) indicating that the observed currents are not mass-transport
limited over this current/potential range.
Phosphate Concentration Dependence. Tafel data were collected as described above at
each Pi concentration using independently prepared electrodes. Electrode preparations were all
carried out in 0.1 M Pi electrolyte as described above following measurement of solution
resistance in the electrolysis bath to be used for Tafel data collection. Tafel data were collected
using electrolysis solutions containing 0.03, 0.1, 0.3 and 1 M Pi electrolyte. The 0.03 M Pi
solution also contained 0.07 M NaClO 4 to preserve solution conductivity. The iR corrected Tafel
data for all four concentrations examined are shown in Figure 4.6a. All Tafel plots exhibit
similar Tafel slopes (60 - 62 mV/decade) and similar exchange current densities (3 - 4 x 10~"
A/cm 2). Interpolation of the Tafel data was used to derive current values at constant potential
displayed in Figure 4.6b.
Unbuffered Electrolyte. For studies in unbuffered electrolyte, a Pt-disk rotating
electrode, polished to a mirror shine with 5 gm alumina, was used as the substrate for catalyst
deposition. Prior to film preparation, the solution resistance was measured in 0.1 M NaClO 4
electrolyte, pH 8.0, while the working electrode was rotated at 2000 rpm. The electrolysis
solution was exchanged for Co -containing Pi electrolyte, pH 7.0, and the film was prepared by
controlled potential electrolysis as described above with a 0 rpm rotation rate. Following film
preparation, the rotating disk electrode was rinsed in reagent grade water and transferred, without
drying, to the same electrolysis bath from which the solution resistance was measured.
Controlled potential electrolysis data were collected at applied potentials ranging from 1.24 -
1.09 V in 0.03 V increments. At each applied potential, data were collected while the electrode
was rotated at 2500, 1600, 1111, 816 and 625 rpm in a stirred solution. The current was allowed
to reach a steady state at each rotation rate for 200 sec. Throughout the experiment, the pH was
continuously monitored with a semi-micro pH probe (VWR) positioned in the working
compartment and small aliquots (1 - 3 ptL) of 0.01 M NaOH were added periodically to maintain
the pH of the working compartment at 8.00 ± 0.05. For each applied potential, the steady state
139
current density data recorded over the last 50 sec at each rotation rate were averaged and used to
produce the Kouteckf-Levich plot (i-1 vs. o-1/2) shown in Figure 4.7. The intercepts of linear fits
to these plots were used to determine the activation controlled current density as a function of
applied potential (Figure 4.8). The data shown in Figure 4.8 is the average of three independent
experiments collected using independently prepared electrodes. Due to the low currents
measured in all experiments (< 10 pA), ohmic potential losses were less than 1 mV in all cases
and were ignored.
In each experiment, following data collection in 0.1 M NaClO 4 electrolyte, the electrode
was rinsed in reagent grade water and transferred, without drying, to 0.1 M Pi electrolyte, pH
8.0. Tafel data were collected as described above at a rotation rate of 2000 rpm with the potential
stepped from 1.24 V to 1.08 V. Following Tafel data collection in Pi electrolyte, pH 8.0, the Pt-
disk rotating electrode was polished and repositioned in the electrolysis cell with preservation of
the relative position of the working and reference electrode. The solution resistance was
measured and this value was used to generate iR corrected Tafel plots at pH 8.0. A representative
example is shown in Figure 4.8 and is identical to an iR corrected Tafel plot collected in an
identical manner in Pi electrolyte, pH 8, using a freshly prepared catalyst film.
pH Dependence. pH titrations were conducted using controlled potential and controlled
current methods. For controlled current measurements, catalyst films were prepared as described
above and transferred without drying to a two compartment electrochemical cell containing 50
mL of 0.1 M potassium phosphate electrolyte, pH 4.5, in both the working and auxiliary
chambers. A chronopotentiometric experiment was initiated with an anodic current of 30
pA/cm2. The potential was allowed to reach a steady state and small aliquots (2 - 20 pL) of 40
wt% KOH were added at 3 min intervals to the working and auxiliary chambers to raise the pH
from 4.5 to 12.0 in ~0.2 pH unit steps. The pH was continuously monitored with a semi-micro
pH probe (VWR) positioned in the working compartment. The potential stabilized at each new
pH within 30 sec and the pH remained stable within 0.01 units over the course of each 3 min
interval. Following the titration, the solution resistance was measured over the entire pH range
using a fresh FTO electrode placed in the same configuration with respect to the reference
electrode as the catalyst-coated electrode. These resistance values were used to correct the steady
potentials obtained from the titration (Figure 4.5). To rule out diffuse double layer effects, data
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were collected following the same procedure with an electrolyte solution containing to 0.1 M
potassium phosphate electrolyte, pH 4.5, with 0.5 M KNO3, and were found to be identical
throughout the pH range.
For controlled potential measurements catalyst films were prepared using lower surface
area FTO electrodes (0.2 cm2 exposed to solution) to minimize ohmic potential losses. Catalyst
films were prepared as described above and transferred without drying to a two compartment
electrochemical cell containing 50 mL of 0.1 M potassium phosphate electrolyte, pH 5.8, in both
the working and auxiliary chambers. Controlled potential electrolysis was initiated at 1.18 V (17 =
0.37 V at pH 7.0). The potential was allowed to reach a steady state and small aliquots (2 - 20
pL) of 40 wt% KOH were added at 5 min intervals to the working and auxiliary chambers to
raise the pH from 5.8 to 8.5 in -0.2 pH unit steps. The pH was continuously monitored with a
semi-micro pH probe (VWR) positioned in the working compartment. The potential stabilized at
each new pH within 30 sec and the pH remained stable within 0.01 units over the course of each
3 min interval. Although the data displayed in Figure 4.4 cannot be corrected for ohmic potential
losses, solution resistance measurements were conducted following the titration to ensure that a
stable potential was maintained throughout the pH range of the titration. The solution resistance
was measured over the entire pH range using a fresh FTO electrode placed in the same
configuration with respect to the reference electrode as the catalyst-coated electrode. The
measured solution resistance reached a maximum of 33 Q at pH 8.5 resulting in a maximal
ohmic potential loss of 4 mV.
Mass Spectrometry. An Agilent Technologies 5975C Mass Selective Detector operating
in electron impact ionization mode was used to collect mass spectrometric data. All experiments
were performed in a custom built two-compartment gas-tight electrochemical cell with gas inlet
and outlet ports, a glass frit junction, and pressure equalizing valve. In all cases, at the start of the
experiment, the auxiliary compartment contained a Ni-foam auxiliary electrode whereas the
working chamber contained no electrodes. Pi electrolyte (pH 7.0) consisting of natural isotope
abundance (99.8% 160H2 ; 0.2% 180H2) was degassed by bubbling with ultra high purity He for 3
- 4 h with vigorous stirring and it was transferred to the working and auxiliary chambers of the
electrochemical cell under He. The cell was connected to the He carrier gas and mass
spectrometer and purged for at least 8 h.
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180 enriched catalyst films were prepared via electrodeposition at 0.9 V from 0.5 mM
Co solutions of Pi electrolyte enriched with 87% 180H2 . 10 - 30 mC (1.5 - 6.8 mC/cm2) were
passed during the deposition. In all MS experiments, catalyst films were electrodeposited onto
ITO coated glass slides (~1 cm x 6 cm exposed to solution). Immediately following deposition,
the catalyst film was transferred, without drying, to a Co-free Pi electrolyte solution enriched
with 87% '8 OH2 and a 100 sec, 1.3 V pulse was applied. The films were then held at open circuit
potential for 30 min to allow equilibration with the '8 OH 2 enriched solution. The above
procedure was employed to minimize loss of the 180 label through water oxidation, mediated by
discharge of the film's capacity, during transfer to and purging of the gas-tight cell. After 30 min
at open circuit, the catalyst films were rinsed with reagent grade water and further washed in
triplicate by sequential immersion in 40 mL of fresh Pi electrolyte of natural isotope abundance
for 1 min. Films were then transferred rapidly along with a reference electrode to the working
compartment of the gas-tight electrochemical cell. The headspace was then rapidly purged by a
dozen or more cycles of evacuation and backfill with He carrier gas until stable background
signals were observed for all ions monitored. In all cases, the mass spectrometer was operated in
selective ion mode with detection of 28 (N2 ), 32 (16,1602) 34 (18,1602), 36 (18'1802) and 35 (C12
fragment) amu ions.
Once a stable background was achieved, a mock burst injection was conducted. The
working and auxiliary compartments were isolated from each other and the working
compartment was isolated from the MS by closing upstream and downstream valves and
diverting the flow of He carrier gas. After a duration of time similar to that to be utilized in
subsequent burst injections, the working compartment was simultaneously opened to the MS and
carrier gas supply allowing for rapid injection of headspace gases into the MS. Head space gases
were then purged for a minimum of 30 min. In all cases, negligible amounts of 3202, 1402 and
3602 were observed in the mock burst injection.
Immediately following the mock burst, the electrochemical cell was again isolated from
the MS. Controlled current or controlled potential electrolyses were then initiated with stirring
and without IR compensation. Following electrolysis, head space gases were rapidly injected into
the MS as described above. For electrolyses shorter than 1 h, the cell remained isolated for an
additional 10-20 min following electrolysis to permit gas equilibration. The headspace was
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purged with real-time MS detection of analytes until the residual background values were
observed (8-16 h). Subsequent burst injections were conducted in the same fashion.
The raw count data for each burst injection was corrected for residual air as well as for
the 0.2% '8 0H 2 found in unenriched water. The 28 amu signals were used to determine the
residual air backgrounds. The 28/32 amu signal ratios were stable at 1.4-2.1 prior to initiation of
each run and these ratios were used to obtain the background 32 ion signal at all points during
each experiment. The background 34 amu signals were stable at 38-40 prior to each electrolysis
and these values were used as the 34 ion background. In addition to this, the 34 ion signals were
corrected for 3402 arising from its natural abundance in air (0.4%) and 3402 produced statistically
through oxidation of residual 18OH 2 (0.2%) found in natural abundance water. For this
correction, 0.4% of the 32 amu singles, corrected for background but not for residual air, were
subtracted from each raw 34 amu signal. The background 36 amu signals were stable at 37-38
prior to each electrolysis and these values were used as the 36 ion background. No additional
corrections were applied to the 36 amu signals because 3602 composes a negligible portion of air
(0.0004%) and statistical solvent water oxidation (0.0004%). The 35 ion signals were monitored
to determine if any Cl2 was produced during electrolysis via oxidation of adventitious C-
originating from the reference electrode. This signal remained at the baseline level throughout all
experiments. Corrected counts for 32, 34 and 36 amu signals are shown for a representative burst
injection in Figure 4.10.
To permit more accurate quantitation of the relative amounts of 3202 and 3402 produced
in a particular burst injection, the corrected 32 and 34 amu signals were integrated over a 6 to 8 h
period following injection by summing each individual data point. The ratio of peak integrations
for 3202 and 3402 are shown in Table 3.1 for all burst injections attempted. Noting that the
catalyst films operate with quantitative Faradaic efficiency, the current passed in each
electrolysis was used to determine the moles of 02 produced and the 3202/3402 ratio was used to
estimate the number of 180 atoms extruded from the film as 3402. Assuming a Co:O
stoichiometry of 1:2 in the film, the charge passed in the deposition was used to estimate the
number of 180 atoms in the film and this value was used to calculate the percentage of the 180
label extruded from the film in each run (Table 4.1).
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In all experiments, a small but significant amount of 3602 was always observed. While the
signal strength was too low to permit accurate integration, the 3402/3602 ratio was always
approximately 10 to 1 in the min following initiation of the burst injection.
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Chapter 5 - Kinetics Insights into Nucleation, Growth and Repair of
Cobalt-Based Water Oxidation Catalysts
147
5.1 Introduction
In chapter 2, we described the critical nature of the electrolyte in supporting the facile
electrodeposition of Co-based water oxidation catalyst. In chapters 3 and 4, we constructed a
model for oxygen evolution mediated by the catalyst. However, the mechanistic details of the
electrodeposition process remained unclear. Here the kinetics of electrodeposition are probed in
detail to afford a coherent picture of the full life cycle of the catalyst from nucleation to
dissolution and ultimately self-repair.
A variety of methods exist for the coupling of solar energy input to the fuel-forming
energy storage half-reactions of water splitting. 1 Most simplistically, the two functions can be
separated by wiring a photovoltaic module to an electrolysis device to effect overall solar-driven
water splitting. Indeed, this approach has lead to impressive solar-to-hydrogen efficiencies as
high as 12% .3 However, despite the reliance on well-established technologies, this method
remains prohibitively expensive, especially for on-site or distributed solar-hydrogen production.4
An alternative approach is to combine the functions of light harvesting, charge separation, and
water-splitting electrocatalysis into a single monolithic photoanode and/or photocathode to effect
direct solar-hydrogen production.1 '5 This photoelectrochemical approach to water splitting
holds promise for reducing the cost of solar-hydrogen but places stringent requirements on the
semiconductor, catalyst, and electrolyte utilized in the overall device. In particular, for device
architectures with one or more solution-semiconductor junctions, careful attention must be paid
to the semiconductor/electrolyte/catalyst interface where photovoltage generation, current
rectification, and catalysis must take place simultaneously. While, in this construct, the catalyst
is essential for bridging the single electron/hole pairs generated in the semiconductor to the
multi-electron redox reactions of water splitting, the amount and morphology of the catalyst
particles used to functionalize the semiconductor surface are critical determinants of the
efficiency of the photoelectrode."8 '9 Too much catalyst may obscure a significant fraction of the
incident light and/or pin the fermi-level of the semiconductor, limiting the photocurrent and
photovoltage available to drive water splitting. However, too little catalyst may inhibit efficient
charge carrier collection and increase electron/hole recombination losses. Furthermore, the
surfaces of the most promising semiconductor photoanodes exhibit a high degree of micro and/or
nanostructure.' 0 "1 Thus, suitable catalysts must be able to form conformal coatings while still
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enabling precise control over catalyst loading and morphology. These requirements place a
premium on catalysts that can be electro(photo)deposited and mandates a detailed understanding
of the kinetic profile of catalyst formation so as to permit synthetic control over the
microstructure of the semiconductor/catalyst/electrolyte interface.
With these requirements in mind, we have turned our attention to developing
inexpensive, highly manufacturable water-splitting catalysts ideally suited to
photoelectrochemical applications. We have recently described the self-assembly of a highly
active cobalt-based oxygen evolving catalyst that forms as a thin film on inert electrodes when
aqueous solutions of Co2+ salts are electrolyzed in the presence of phosphate (Co-Pi), borate (Co-
Bi) or methylphosphonate (Co-MePi) (collectively termed Co-OEC);'2 " more recently, we have
used a similar strategy to prepare a Ni-Bi catalyst. 1 These catalysts are of interest because they:
(1) form in situ under mild conditions on a variety of conductive substrates; 76-5 (2) exhibit high
activity in pH 7-9 water at room temperature;",38 (3) are functional in impure water; 38,15 (4) are
comprised of inexpensive, earth-abundant materials;1, 38 (5) self-heal by reversing catalyst
corrosion at open circuit upon application of a potential;16 (6) can be interfaced with light
absorbing and charge separating materials to effect photoelectrochemical water splitting;' 7-2 and
(7) are functional models of the oxygen-evolving complex of Photosystem II.2 The simple
operation of the catalyst from conventional water sources under benign conditions is an
important step towards providing distributed solar energy storage at low-cost. 23
Properties 2 and 5, the ability to form in-situ76,38 and self-heal,16 rely uniquely on the
facility with which the catalyst can be formed at low potentials from low concentrations of Co2+
in solution. In an earlier report,38 we have shown that catalyst formation occurs at potentials
significantly lower than that required for water oxidation catalysis and that facile
electrodeposition is dependent critical on the presence of a efficient proton accepting electrolyte.
This ensures that upon application of a potential sufficient for water oxidation, catalyst
formation, and, thereby, repair of previous corroded material takes places.16 While the
remarkable ease of catalyst electrodeposition has been exploited to prepare catalyst-
functionalized semiconductor photoanodes with enhanced efficiency for water splitting, 7-2 the
kinetic details of the nucleation and growth processes that enable facile catalyst formation and,
thus, self-repair, have yet to be uncovered. Indeed, the development of improved catalyst-
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functionalized photoanodes relies critically on a detailed kinetic understanding of the pathways
for nucleation and growth of Co-OEC such that the properties of the semiconductor-solution
interface can be systematically refined. To further this goal, we now report mechanistic details of
the pathway for catalyst nucleation and steady-state growth, and its relationship to catalyst repair
processes. Using chronoamperometry and AFM imaging, we isolate the progressive nature of the
nucleation process. Using hydrodynamic electrokinetic methods we isolate the rate law for
steady-state catalyst growth and show that this electrokinetic profile dictates the pH regimes of
functional catalyst stability and repair. These kinetic insights provide a coherent picture of the
electrodeposition process and a rational route to the preparation of improved photoanodes.
5.2 Results
5.2.1 Electrochemical Studies of Catalyst Nucleation
To probe the initial stages of catalyst formation, chronoamperograms of freshly polished
glassy carbon electrodes were recorded in quiescent electrolyte solutions containing 0.4 mM
Co 2 , 0.02 M MePi, 1.97 M KNO 3 electrolyte, pH 7.5 (Figure 4.4). Following initial polarization
at 0.75 V (omitted in Figure 4.4), during which time only double-layer charging occurred, the
electrode potential was stepped to various voltages sufficient for catalyst nucleation under these
conditions. At all the step potentials explored, the chronoamperograms reveal three features.
First, the current rapidly decays from an initial spike immediately following the potential step.
Second, the current rises rapidly, reaching a peak. Third, the current diminishes gradually
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Figure 5.1. Potential step chronoamperograms of a freshly polished glassy carbon disk electrode in 0.4 mM
Co+, 0.02 M MePi, 1.97 M KNO3 electrolyte, pH 7.5. Data recorded with a step voltage of 1.01 (- mm), 0.99
(- m - m), 0.97 (moo), 0.95 (- - -), and 0.93 V(-) following a 100 sec pulse at 0.75 V (not shown).
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Figure 5.2. Normalized 0.97 V potential step chronoamperogram (-) of a freshly polished glassy carbon disk
electrode 0.4 mM Co2+, 0.02 M MePi, 1.970 M KNO3 electrolyte, pH 7.5. Theoretical normalized
chronoamperograms for the cases of instantaneous (mu.) nucleated growth and progressive nucleated growth
with 0 (- m - m) and 4t(- - -) order nucleation rate laws.
towards a non-zero limiting value. For higher potentials, the magnitude of the peak current
systemically increases whereas the time corresponding to the peak systematically decreases.
To probe the mechanistic significance of the chronoamperometeric transients, the
ordinate and abscissa were normalized to the peak current density, (i/i,.)2, and peak time,
(t/ta), respectively. A normalized chronoamperogram for the 0.91 V step potential is shown in
Figure 5.2. Overlayed on this experimental data are three simluated traces for the limiting cases
of instantaneous nucleation followed by diffusion limiting growth (Figure 5.2, ***)24 and
progressive nucleation followed by diffusion limiting growth with the assumption of a 0 (Figure
5.2, - m - m) order2 4 and 4 th (Figure 5.2,- - -) order 25 nucleation rate law. Excellent
agreement is observed between the experimental data and the theoretical curve for progressive
4* order nucleated growth over the entire duration of the transient except at early times. At early
times, the current is dominated by non-Faradaic double-layer charging and adsorption/desorption
events on the surface which are not accounted for in the theoretical models.24,25 Similarly good
agreement between the experimental data and the simulation is observed for the higher step
potential, 1.01 and 0.99 V (Figure 5.3). However, for the lower potential steps, 0.95 and 0.93 V
(Figure 5.3), the experimental current exhibits a positive deviation relative to the theory for long
time points. In these cases, t,.a is observed > 10 s after the potential step, and thus, convective
mass transport26 is expected to elevate the current at long times relative to the theoretical models
which all assume purely diffusion-limited mass transport.24,25
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Figure 5.3. Normalized potential step chronoamperograms of a freshly polished glassy carbon disk electrode
recorded in 0.4 mM Co2 , 0.02 M MePi, 1.97 M KNO3 electrolyte, pH 7.5. Data recorded with a step voltage of
1.01(-), 0.99(-), 0.97(-), 0.95(-), and 0.93(-) V following a 100 sec pulse at 0.75 V (not shown).
Theoretical normalized chronoamperogram for progressive nucleated growth with a 4th (-) order nucleation
rate laws.
5.2.2 AFM Studies of Catalyst Nucleation
To further interrogate the nucleation process, partially nucleated catalyst films were
imaged by atomic force microscopy, AFM. Potential step chronoamperograms were recorded
using highly-oriented pyrolytic graphic (HOPG) working electrodes cleaved from a bulk slab
prior to the experiment (see Experimental Methods for details of electrode preparation). Similar
to the behavior observed using a glassy carbon working electrode, potential step polarization
from 0.75 to 0.97 V in 0.4 mM Co2 , 0.02 M MePi, 1.97 M KNO 3 electrolyte, pH 7.5 leads to a
nucleated growth trace with a t,. = 10.1(1) s. Using these same conditions an array of catalyst-
coated pyrolytic graphite electrodes were prepared following potential step polarization which
was ceased at ca. 0.2, 0.5, 1, 2, 4, and 8 x t.. Following the termination of electrolysis, the
electrodes were rinsed thoroughly with reagent grade water, dried, and imaged by AFM.
Representative images are shown in Figure 5.4, a-f. The relatively smooth HOPG electrode
surface is visible underneath discontinuous islands of Co-OEC. The bare HOPG surface is
punctuated randomly by long lines due to step edges between graphite layers. Apart from a
higher density localized at these step edges, the islands of catalyst particles are distributed
randomly on the HOPG surface. At 0.2 x t,., the particle sizes range from 35 to 55 nm and,
catalyst particles cover 9(1) % of the surface. At 0.5 x t,., the particle sizes range from 65 to 85
nm and the number of particle coating the surface increases. In line with both of these
observations, the catalyst particles now cover 27(2) % of the surface. At 1 x t the catalyst
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Figure 5.4. Representative 5 x 5 sm AFM images of a highly oriented pyrolytic graphite electrode after being
subjected to potential step polarization from 0.75 to 0.97 V for ca. 0.2 (a), 0.5 (b), 1 (c), 2 (d), 4 (e), and 8 (f)
times t. (10.1(1) s). Bars to the right of each image indicate the depth with full scale values of 20 (a), 30 (b), 50
(c), 75 (d), 75 (e), and 50 (f) nm. Electrolyte conditions: 0.4 mM Co2 , 0.02 M MePi, 1.97 M KNO3 electrolyte,
pH 7.5 (2 M ionic strength). Plot displays coverage percentage of catalyst versus the normalized duration of
potential step polarization, t/tm.
coverage rises to 39(2) % and a number of catalyst particles have begun to coalesce. Catalyst
coverage continues to increase to 48(2) % at 2 x t,, and 65(5) % at 4 x tn but plateaus at this
value when the electrolysis is continued to 8 x trnax 65(3) %. At 8 x tna, the agglomerated
catalyst islands range in size from 70 to 140 nm. Percent catalyst coverage is plotted versus t/tna
in Figure 5.4 and reflects this saturation behavior. Notably, beyond 0.5 x t,n, a marked increase
in particle number density does not accompany the further increase in surface coverage.
5.2.3 Tafel Behavior of Catalyst Growth
The kinetic profile of steady-state catalyst growth was determined without influence from
nucleation processes by interrogating the rate of further electrodeposition onto 10 mC/cm2
catalyst films pre-formed on a Pt rotating disk electrode. Steady-state current densities for
catalyst electrodeposition from 0.4 mM Co2+, 0.02 M MePi, 1.97 M KNO3 electrolyte, pH 7.5
were measured at a variety of rotation rates, o, and applied potentials. For each potential
examined, a Kouteckf-Levich plot of i 1 vs. o1/2 (Figure 5.5a) was extrapolated to infinite
rotation rate (o-1/2 = 0) to determine the activation controlled current density for catalyst
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Figure 5.5. (a) Koutecky-Levich plots Co-OEC catalyst film formation from 0.4 mM C02+, 0.02 M MePi, 1.97
M KNO3 electrolyte, pH 7.5 at applied potentials of 0.87 (V), 0.88 (0), 0.89 (*), 0.90 (4), 0.91 (*), 0.92 (*),
0.93 (A), and 0.94 (U) V. (b) Tafel plot of Co-OEC catalyst film formation from 0.4 mM C02+, 0.02 M MePi,
1.97 M KNO 3 electrolyte, pH 7.5 onto a Pt rotating disk electrode. Activation controlled current density values
(iac) were derived from Kouteckf-Levich analysis of plots in (a). The Tafel slope is 60 mV/decade.
formation, iac, in the absence of mass-transport limitations.27 For all data points, ohmic potential
losses amounted to < 1 mV and were ignored. A Tafel plot of the applied potential versus the log
of iac is shown in Figure 5.5b. The data points exhibit linearity over 0.12 V and a slope of 60
mV/decade.
5.2.4 Co2+ Dependence of Catalyst Growth
The dependence of the catalyst formation rate on Co2+ concentration was interrogated by
collecting Tafel plots, using the procedure describe above, from 0.02 M MePi, 1.97 M KNO 3, pH
7.5 containing [Co2+ = 0.1, 0.18, 0.32, 0.56, and 1 mM (Figure 5.6a). Tafel data were collected
from independently prepared 10 mC/cm2 catalyst films. The data in all Tafel plots exhibits
linearity over > 1.5 decades in activation controlled current density and an average Tafel slope of
62(8) mV/decade. Interpolation of these Tafel plots at 0.84, 0.86, 0.88 and 0.90 V yields steady
state activation controlled current densities for catalyst growth as a function of Co2+
concentration (Figure 5.6b). The data exhibit linearity over the decade range of Co2+
concentrations explored here with an average slope of 1.1(1). These results establish that the
electrodeposition process is first order in Co2 +
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Figure 5.6. (a) Tafel plots of Co-OEC catalyst film formation from 0.02 M MePi, 1.97 M KNO3 electrolyte, pH
7.5 containing of 0.1 (*), 0.18 (N), 0.32 (A), 0.56 (*) and 1 (*) mM Co2+. Activation controlled current
density values (iac) were derived from Kouteckf-Levich analysis of steady-state current densities measured at
multiple rotation rates, as in Figure 5.5a. Average Tafel slope is 62(8) mV/decade. (b) [C02+] dependence of ice
for catalyst film formation at E = 1.04 (*), 1.06 (A), 1.08(m), and 1.1 V (e). Average slope is 1.1(1). Data were
interpolated from Tafel plots in (a).
5.2.5 pH Dependence of Catalyst Growth
The dependence of the electrodeposition rate on proton activity was interrogated by
collecting Tafel plots from 0.04 mM Co2+, 0.02 M MePi, 1.97 M KNO3 over the pH range 7-8.25
(Figure 5.7a). For each pH point, Tafel data were collected from independently prepared 10
mC/cm 2 catalyst films. In each case, the bulk solution pH was held constant to within 0.02 pH
units for the duration of Tafel data collection with periodic addition of concentrated KOH (see
Experimental Methods). All Tafel plots exhibit linearity over -2 decades in activation controlled
current density and an average Tafel slope of 60(4) mV/decade. Interpolation of these Tafel plots
at iac = 3.2, 10, 32 and 100 gA/cm2 yields the required potential as a function of pH (Figure
5.7b). The data are linear over the 1.25 pH unit range explored here and exhibit an average slope
of -172(5) mV/pH unit. In this experiment, the Tafel data were interpolated at constant current
density, iac, and, therefore, the potential dependence of the current density (the Tafel behavior) is
convoluted with the slope of the potential vs. pH plot.28 Specifically,
-ap) = a )E p pHlog(i) (p H) g Blog0(i) pH 8 pH )E
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Figure 5.7. (a) Tafel plots of Co-OEC catalyst film formation from 0.4 mM C02+, 0.02 M MePi, 1.97 M KNO3
electrolyte, at pH 7.00 (e), 7.25 (0), 7.49 (A), 7.73 (*), 7.98 (*) and 8.25 (*). Activation controlled current
density values (iac) were derived from Kouteck-Levich analysis of steady-state current densities measured at
multiple rotation rates, as in Figure 5.5a. Average Tafel slope is 60(4) mV/decade. (b) pH dependence of the
potential for catalyst film formation at iac = 3.2 (e), 10 (m), 32 (A) and 100 (*) A/cm 2. Average slope is
-172(5) mV/pH unit. Data were interpolated from Tafel plots in (a).
Thus, the -172(5) mV/pH unit slope observed in Figure 5.7b, when divided by negative of the
60(4) mV/decade Tafel slope, yields the reaction order in pH of 2.9(2). Thus, these data establish
third order dependence on pH and, therefore, inverse third order dependence on proton activity.
5.2.6 Methylphosphonate Dependence of Catalyst Growth
The dependence of the electrodeposition rate on the concentration of the proton-accepting
electrolyte species was ascertained by collecting Tafel plots in 0.4 mM Co2+, pH 7.5 over an
MePi concentration range from 1 to 178 mM. All solutions contained sufficient KNO 3
background electrolyte to maintain a constant 2 M ionic strength. For each MePi concentration
Tafel data were collected using independently prepared 10 mC/cm 2 catalyst films and the bulk
solution pH was maintained at 7.5 ± 0.02 with periodic addition of concentrated KOH (see
Experimental Methods). The Tafel data exhibit linearity over a -2 decade range in current
density and an average slope of 64(8) (Figure 5.8a). Interpolation of these Tafel plots at iac = 10,
32 and 100 gA/cm2 yields the required potential as a function of the log of the MePi
concentration (Figure 5.8b). The data exhibit three distinct linear regions. For MePi
concentrations between 32 and 178 mM, a slope of 120(7) mV/decade is observed, whereas a
slope of 60(2) mV/decade is observed for MePi concentrations between 1.8 and 17.8 mM. Below
1.8 mM MePi, the potential appears to be invariant with buffer strength. Activation controlled
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Figure 5.8. (a) Tafel plots of Co-OEC catalyst film formation from a 0.4 mM Co2+, pH 7.5 electrolyte solution
containing 178 (e), 100 (M), 56.2 (A), 31.6 (*), 17.8 (4), 10 (*), 5.6 (v), 3.2 (0), 1.8 (Io,), and 1 (*) mM
MePi. All solutions were held at 2 M ionic strength with an appropriate amount of KNO 3.Activation controlled
current density values (iac) were derived from Koutecky-Levich analysis of steady-state current densities
measured at multiple rotation rates, as in Figure 5.5a. Average Tafel slope is 64(8) mV/decade. (b) [MePi]
dependence of the potential for catalyst film formation at iac = 10 (e), 32 (s), and 100 (A) A/cm2. Average
slopes are 60(2) and 120(7) mV/decade for the low and high buffer strength regions respectively. Data were
interpolated from Tafel plots in (a).
current density data could not be obtained below 1 mM MePi because local and bulk pH changes
at very low buffer strength caused drastic systematic errors in the extrapolation of Kouteckf-
Levich plots to infinite rotation rate. As encountered above, the data in Figure 5.8b correspond to
constant iac, and, thus, the potential dependence of the current density (the Tafel behavior) is
convoluted with the slope of the potential vs. log([MePi]) plot.28 For this case,
( B _( E alog(i) (2)
alog ([MePi])/ \alog(i/[MePi] alog ([MePi]) E
Therefore, the 120(7) and 60(2) mV/decade slopes observed in Figure 5.8b correspond to
reaction orders of -1.9(3) and -0.9(1). These results establish inverse first order and inverse
second order dependence on MePi concentration over the ranges 1.8-17.8 mM and 32-178 mM
respectively, with an apparent zero order dependence below 1.8 mM.
5.2.7 Catalyst Dissolution
To assess the interplay of catalyst formation mechanism and catalyst stability, the
kinetics of catalyst dissolution were quantified over a wide pH range. For this study, a series of
100 mC/cm2 catalyst films were prepare on fluorine-tin oxide (FTO) working electrodes by
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Figure 5.9. (a) Fraction (f) of catalyst film dissolved versus time for an electrodes poised at 1 (m) and 0 (9)
mA/cm2 in an initially Co2+-free electrolyte solution of 0.04 M Britton-Robinson buffer, pH 4. (b) Fraction (f) of
catalyst film dissolved after 1 hour versus pH for electrodes poised at 1 (m) and 0 (e) mA/cm 2. Lines are
presented purely as guides to the eye.
electrodeposition at 1.05 V from quiescent 0.1 M phosphate electrolyte (Pi), pH 7 solutions
containing 0.5 mM Co2+. Under these conditions, negligible water oxidation catalysis is
observed. Thus, the 100 mC/cm2 charge passed provides an accurate estimate of the Co content
of the film, ~1 pmol Co/cm2. After film preparation, each electrode was rinsed with reagent great
water and operated for water oxidation at 1 and 0 mA/cm2 in a stirred Co-free electrolyte
solutions of 0.04 M Britton-Robinson buffer (see Experimental Methods for details). At various
times over the course of one hour, aliquots of electrolyte solution were removed from the
working compartment of the electrolysis cell. The Co2+ concentration in each aliquot was
determined by measuring the magnitude of Co2+-induced paramagnetic line broadening of the
31P-NMR peak for inorganic phosphate and comparing to a standard curve (see Experimental
Methods).
From these concentration measurements, the fraction of Co dissolved from the film
versus time was calculated and is shown for pH 4 in Figure 5.9a. For electrodes operated at 0 and
1 mA/cm 2, catalyst corrosion prevails throughout the entire duration of the experiment.
However, for the electrode hold under open-circuit conditions (0 mA/cm2), the rate of catalyst
corrosion is greater that for the electrode operate 1 mA/cm 2. This is evidenced by both a greater
fraction dissolved after 1 hour for the former, 0.33, versus the latter, 0.17, and a greater initial
slope of the dissolution profile for the former. A similar phenomenon is also observed at pH 5
with a systematic decrease in the overall fraction dissolved after 1 hour for both the 0 and 1
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mA/cm 2 samples but no dissolution is detected at pH 6 and 7. A plot of the total fraction, f, of Co
dissolved after 1 hour of electrolysis versus the solution pH is shown in Figure 5.9b. This data
establishes that Co-OEC exhibits functional stability at > pH 6 but is subject to progressive
dissolution below this pH.
5.3 Discussion
Qualitative insights into the catalyst formation process have been detailed in chapter 2
and provide the foundation for the subsequent quantitative analysis. 7 6,38 Briefly, we reported that
the cyclic voltammogram (CV) of an inert electrode recorded in a buffering electrolyte at pH 7-9
containing 0.5 mM Co2+ exhibits a characteristic sharp anodic prefeature wave several hundred
millivolts prior to the onset of water oxidation catalysis. We showed that single CV scan of a
freshly polished inert electrode with a switching potential beyond this prefeature wave but prior
to the onset of catalysis is necessary and sufficient for the electrodeposition of a film active for
water oxidation catalysis. Here, we utilize this separation in potentials between water oxidation
and catalyst formation to isolate the kinetics for the latter. We had also reported that unlike
phosphate or borate electrolyte solutions, from which Co2+ precipitates over time,
methylphosphonate (MePi) solutions are able to support low mM Co2+ concentrations
indefinitely. Thus, the subsequent studies utilize MePi, but the results are not expected to change
appreciably in other electrolyte media.
Chronoamperometry affords valuable insight into the initial stages of catalyst formation.
Chronoamperograms with step potentials spanning the rising portion of the anodic prefeature
wave discussed above reveal that the process is not merely a diffusion controlled oxidation of
C02+ ions. Whereas the potential step chronoamperogram of a electrochemically and chemically
reversible one-electron redox couple exhibits a simple decay of current proportional to t-12
immediately following the potential step,2 9 the chronoamperogram of Co-OEC formation (Figure
4.4) is much more complicated and is reminiscent of the nucleated growth curves observed for
the electrodeposition of metal films.24 Following the potential step the current decays rapidly
from an initial spike due to currents associated with double-layer charging and
adsorption/desorption events on the electrode surface.24 This initial decay is followed by a rise in
current that is attributed to the formation of catalyst nuclei, which, in effect, serve to increase the
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surface area of the electrode. Quasi three dimensional growth of these catalyst nuclei gives rise
to a rapid increase in current until a maximum is reached. At this point, the reactant-depleted
diffusion zones surrounding each growing catalyst particle begin to overlap, causing the onset of
semi-infinite linear diffusion and an associated t 1 decay of the current. Notably, at very long
times, the current reaches a steady-state plateau rather than decaying to zero. This plateau is
attributed to convectional mass-transport of Co 2 to the surface at these long times. Importantly,
the step potential has a marked impact on the time, t., and current density, i,., at which the
chronoamperogram exhibits its characteristic peak. Increasing the potential increases the driving
force, and thus, the rate of nucleation and catalyst growth, resulting in a systematic increase in
im. The enhanced growth rate causes the diffusion fields to overlap more rapidly, and,
consequently, leads to a systematic decrease in tmax with increasing driving force. Thus, control
of the electrodeposition potential provides a convenient method for modulating t,,a and i,,a,
enabling fine control over the surface coverage of catalyst islands (vide infra). All of these
characteristic features, together, establish that Co-OEC formation occurs via nucleation followed
by diffusion limited growth.
The pathway for nucleated growth of a thin film is characterized by one of two limiting
mechanistic extremes, progressive or instantaneous nucleation. In the instantaneous case, all
potential nucleation sites, No, on the surface are assumed to give rise to nuclei at time zero
following the potential step. In contrast, for the progressive case, the rate of nucleation is given
by the following equation,25
T= kN ) (No - N) (3)
where kN is the nucleation rate constant, and the term, No - N, represents the number of
unoccupied nucleation sites on the electrode surface. In eq 3, c and co represent the local and
bulk concentrations of all solution species upon which the nucleation rate depends, with the
exponent, m, characterizing the overall reaction order. For the most elementary cases of
instantaneous nucleation and progressive nucleation with a zero order nucleation rate law, n = 0,
several theoretical models have been proposed to explain the chronoamperometric
transient.24, Based on the simplest of these models, the predicted normalized transient24 for
instantaneous (Figure 5.2, mom) and progressive 0-order (Figure 5.2, - m - m) nucleated
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growth is overlaid with a representative normalized experimental transient, collected at 0.97 V
step potential, in Figure 5.2. The simulated transient for progressive 4-order nucleation is also
shown (Figure 5.2, - - -).25 The normalized representation in Figure 5.2 serves to
deconvolute changes in nucleation mechanism from changes in kN and No which are both
substrate and potential dependent (vide supra). Instantaneous nucleation is characterized by a
very sharp increase in current at early times and a broad peak, both of which are not observed in
the experimental data. The experimental trace exhibits a slower rise, following double layer
charging at early times, and a sharper peak, both akin to that expected for 0-order progressive
nucleation. However, the experimental data deviates positively from theory at times well beyond
t.. In contrast, the entire duration of the experimental transient is well modeled by the
simulated curve for 4*-order progressive nucleation. Similarly good agreement is observed for
the other potentials explored (Figure 5.3) discounting convectional mass transport effects26 that
cause deviations at long times for low step potentials. While this agreement does not definitively
establish the precise order of the nucleation rate law, it does point to a high, non-zero order
which is consistent with the complexity of the catalyst formation process relative to simple metal
film deposition and the 3rd-order rate law determined for steady-state film growth (vide infra).
Further evidence for the progressive nature of the nucleation process is afforded by AFM
imaging of electrode surfaces subject to partial nucleation (Figure 5.4). To suit the stringent
surface smoothness requirements of AFM, HOPG electrodes were employed. Consist with the
behavior predicted for high-order progressive nucleation,25 the number of nuclei increase
dramatically at early times, between 0.2 and 1 x t,., after which point relatively few new nuclei
are formed. Instead, the already formed nuclei grow and coalesce to coat a greater proportion of
the surface between 1 and 4 x t.. Remarkably, the surface coverage plateaus after 4 x t. at ca.
65%. That this point, the diffusion fields of each growing catalyst island have completely
overlapped slowing the increase of surface coverage as the tops of catalyst particles, which
protrude into the undepleted bulk solvent, grow preferentially. We fully anticipate that prolonged
electrolysis would lead to full surface coverage as the growing particles coalesce and form the
continuous films observed by SEM in previous studies. 6,31,is These AFM results confirm that
catalyst nucleation is progressive and, importantly, they point to a convenient method for
patterning surfaces with catalyst islands. The appropriate choice of (photo)potential allows for
control over the absolute value of t,,. (vide supra) and termination of electrodeposition at the
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appropriate time relative to tmax provides a convenient handle with which to control the surface
coverage of catalyst islands.
Whereas the above studies, conducted in quiescent solution, provide insight into the
pathway for catalyst nucleation, the growth of catalyst particles is subject to mass-transport
limitations. In order to isolate the mechanistic details of catalyst growth, one must determine the
current-potential relationship in the absence of mass-transport limitations. Thus, the activation
controlled current densities, iac, under any given set of potential and electrolyte conditions were
obtained by extrapolating current densities measured at variable rotation rates on a rotating disk
electrode (RDE) to infinite rotation speed (Figure 5.5a).29 A Tafel plot of the applied potential
versus the log of iac exhibits good linearity over an -2 decade range in activation-controlled
current density and a slope of 60 mV/decade (Figure 5.5b). These Tafel data were collected after
deposition of a 10 mC/cm2 catalyst film on the RDE. This deposition charge is ca. 10 fold higher
than that typically observed at 8 x t in the nucleated growth studies; thus, the data should be
negligibly impacted by nucleation and report, instead, on the kinetics of steady-state catalyst
growth. In particular, the 60 mV/decade slope implies a catalyst formation mechanism involving
a one-electron reversible equilibrium preceding a chemical rate-limiting step for catalyst
formation.2 8
XAS studies have established that as-deposited Co-Pi catalyst films are composed
predominantly of Co(III) centers.3 2 Whereas this established that, in net, the electrodeposition
process involves a single electron oxidation per cobalt, it provides no information about the
reaction order in Co. Instead, the reaction order in Co2+ is obtained directly from interpolation of
Tafel plots collected at various Co2+ concentrations (Figure 5.6a). Interpolation at constant
applied potential yields iac as a function of Co2+ concentration and exhibits a clear first order
dependence across a 60 mV range of potential values spanning the linear Tafel region (Figure
5.6b). Taken together with the 60 mV/decade Tafel slope, this result implies that the reversible
one-electron equilibrium step also involved a single Co2+ ion. This excludes the possibility of
multi-nuclear cobalt species participating in the one-electron equilibrium in question.
As the Co"" redox couple for Co(OH2)6 is 1.92 V,33 it is expected that one or more
proton transfers are coupled to this electron transfer. Insight into the number of protons
exchanged in equilibrium prior to the rate limiting chemical step is provided by interpolation of
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Tafel plots collected in the pH range 7-8.25 (Figure 5.7a). Data below pH 7 are inaccessible
because the deposition processes begin to overlap with water oxidation catalysis which
convolutes the Tafel behavior. At pH values greater than 8.25, the Tafel slope begins to rise
significantly above 60 mV/decade, preventing a straightforward extraction of the reaction order
in proton activity. Nonetheless, the potential vs. pH plots exhibits good linearity over the pH
range explored for a 1.5 decade range of iac values (Figure 5.7b). The slope of these plots, taken
together with the 60 mV/decade Tafel slope establishes a remarkable inverse third order
dependence on proton activity. We note that, given the pKa of MePi of 7.0 under these ionic
strength conditions (see Experimental Methods for details of pKa calculation at 2 M ionic
strength) the concentration of MePO32- does not change in a logarithmic fashion over the range
of pH interrogated here and, thus, binding equilibria involving this species (vide infra) will not
appreciably influence the apparent reaction order in proton. Taken together, these results suggest
that the coupling of three proton transfers to the one-cobalt one-electron transfer is what permits
access to Co3+ at these low potentials.
Whereas the high degree of proton coupling to the reversible one-electron transfer
suggests a key role for the proton acceptor, MePi, the capacity of the buffering species to
coordinate to Co in an inhibitory role should not be discounted. Indeed, interpolation of Tafel
plots collected over a wide range, 1 to 178 mM, of buffer strengths (Figure 5.8a) indicates that
the potential required to sustain a given iac increases as buffer strength increases (Figure 5.8b).
The requirement for additional driving force with increasing buffer strength indicates an
inhibitory effect of MePi on the catalyst growth process. Furthermore, the potential vs. log
[MePi] plot exhibits several regions of different slopes, at buffer strengths beyond 32 mM (log
([MePi]) = 1.5), a -120 mV/decade slope is observed corresponding to inverse second order
dependence in MePi. At intermediate buffer strengths, 1.8-17.8 mM (log ([MePi]) = 0.25-1.25), a
-60 mV/decade slope is observed corresponding to inverse first order dependence in MePi.
Below 1.8 mM, a plateau is observed implying that, at these concentrations, MePi is no longer
explicitly represented in the rate law for electrodeposition. Importantly, the transition between
inverse first and second order behavior corresponds well to the 50 mM MePi concentration at
which 50% of the Co2+ in solution is estimated to be bound to MePO 32- under the pH and ionic
strength conditions of this study3 4 (see Experimental Methods for details of binding calculation).
This observation suggests that the inverse second order behavior at high buffer strength is due, in
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part, to MePO 32- binding to Co2+ in solution. Owing to the 1.7 order of magnitude weaker
binding constant for Co2 + to P0 3H2 relative to P0 3H 2 5 the impact of the former species in
inhibiting catalyst growth can be safely ignored. Whereas one half of the second order behavior
is explained by binding to soluble Co2+, the underlying first order behavior, which spans 1.8-178
mM (log ([MePi]) = 0.25-2.25) buffer strength, suggests a second form of catalyst growth
inhibition, which we attribute to buffering species binding to clusters in the growing catalyst
film. Thus, equilibrium dissociation of buffering species from the surface must precede
incorporation of newly oxidized Co centers. Although we suspect that the MePO 32- species is
primarily responsible for surface coordination, we cannot rule out the participation of MePO 3H-
as well.
The data in Figure 5.5-5.8 establish the following electrochemical rate law for the growth
of Co-OEC catalyst films,
v = ko ([Co 2+])(aH+)-3 ([MePi])-exp ] (4)
where ko is a potential-independent rate constant. This constant is proportional to the exchange
current density for the electrodeposition process. The rate expression carries the observed first
order dependence on [Co2+] (Figure 5.6), inverse third order dependence on proton activity, aH+
(Figure 5.7), inverse first order dependence on [MePi] at intermediate buffer strength (Figure
5.8) and the exponential relationship with potential, E (Figure 5.5). Rearrangement of the log
form of eq (2) yields a Tafel slope, OEIalog(i), of 59 mV/decade that is also consistent with the
experimental data shown in Figure 5.5.
The electrochemical rate law in eq 4 is consistent with the following mechanistic
sequence,
A + Co2 + # B + {Co(III)} + e- + 3H+ + MePi (5)
B + {Co(III)} -> C (6)
where a reversible one electron, three proton equilibrium is followed by a chemical rate limiting
step for catalyst formation. In this sequence, A, B and C designate surface species whereas the
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Co-containing fragments represent entities in solution. As such, this mechanistic sequence
implies that phase transfer of Co from the solution to the film occurs as part of the rate-limiting
step, a contention that is well supported by the experimental data (vide infra).
For such a sequence, the velocity of the reaction, v, is given by,
v = k26B[{Co(III)}] (7)
where k2 is the rate constant for the chemical step, [{Co(III)}] is the concentration of the Co(III)
species in solution and 6 B is the surface coverage of the solid phase intermediate participating in
the rate-limiting chemical transformation. In this formalism, 6B is the surface concentration of B
(T, in mol/cm 2) divided by the maximum surface concentration (Em.a). We note that the number
of active sites for film growth on the surface may represent a small proportion of the total
number of solvent exposed Co centers in the film. Thus, Fma does not equal the number of
exposed Co centers per cm 2, but rather the number of active sites for film growth per cm 2 and 9 B
represents the fraction of these active sites in the form of intermediate B. Similarly, OA represents
the fraction of active site for film growth in the form of intermediate A. As such, the ratio of B
x [{Co(III)}] to the product of resting state species, OA x Co2+, is given by the Nernst equation,
eB[Co(I)}] = K1(aH+)-3([MePi])-'exp [F] (8)
where K1 is the equilibrium constant at E = 0. This equation represents a quasi-equilibrium
assumption for the conversion described by eq 5. Substituting for 8 B x [{Co(III)}] in eq 7
yields,
V = 8AKik 2 ([Co2+])(aH+)-3([MePi])-'exp [F] (9)
If the surface coverage of the resting state species, A, is appreciable (> 0.9) over the potential
and current range in which Tafel and other kinetic data are collected, OA will not vary
appreciably with potential and can be set as a constant. Under these conditions, eq 9
approximates the experimental rate law, eq 4, with,
ko = F x GAKik 2 (10)
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Figure 5.10. Proposed mechanism of Co-OEC catalyst film formation.
Information about the structure of resting state species, A, is provide by x-ray absorption
spectroscopy (XAS), 32 which finds that Co-OEC is composed of clusters of edge-sharing CO06
octahedra arranged in a sheet-like pattern. This structural motif found in Co-OEC is also present
in cobaltate extended solids, particularly Co(O)OH. Within the framework of this structural
model, it is reasonable to invoke that growth of the clusters, and thus, of the catalyst film itself
proceeds via attachment of new Co fragments to the exposed edges of these clusters. Given that
Co 2+ binding to MePO32 cannot account for the inverse first order dependence on MePi at
intermediate buffers strengths (vide supra), these exposed edge sites are proposed to be
coordinated to MePi buffering species in the resting state.
Information about the resting state of the Co2+ ion in solution is provided by the known
speciation behavior of Co2+ in aqueous media. At intermediate buffer strengths, the majority of
the Co2+ is not bound to any of the buffers species (vide supra). This, taken together with the first
pKa of Co(OH2)62+ of 9.2 (see Experimental Methods for details of calculation), establishes that
Co(OH2)62+ is the resting-state species in solution.
The proposed mechanistic model for Co-OEC film growth that is consistent with the
surface and solution resting state species and the electrochemical rate law, eq 4, is shown in
Figure 5.10. A portion of the growing cobaltate cluster is shown to present the surface active
sites from which growth is proposed to occur. In this mechanistic model, surface and solution
phase reactions exist in equilibrium prior to the rate limiting phase transfer of Co to the growing
catalyst surface. Given that the net reaction to form the catalyst consists of a three proton one
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electron oxidation, Co2+ to Co(O)OH clusters, and that all of these proton and electron transfers
exist in equilibrium we believe it is unlikely that phase transfer, which is expected to be
irreversible, occurs prior to the completion of each equilibrium step. Thus, in solution, the
Co(OH2)6 is proposed to undergo a one electron-two proton minor equilibrium PCET reaction to
form a Co(OH)2(OH2)4* intermediate. Simultaneously, a surface equilibrium involving MePO32-
dissocation and deprotonation of a surface aquo species takes place. This equilibrium forms an
surface intermediate poised for rate-limiting binding of the Co(OH)2* intermediate in solution to
effect catalyst growth by one Co center. This sequence can be repeated with adjacent surface
sites to permit steady-state growth in a fashion that is consistent with the experimental rate law.
The proposed mechanism invokes bifurcation of the three net proton transfer events such that
two occur in solution and one occurs from the surface. This is reasonable considering that the pH
range of these studies, 7-8.25, is close to the pH of zero charge, 6.2, of bulk CoOOH.36 Thus,
over the pH range of data collection, a significant population of aquo ligands are expected on the
catalyst surface upon desorption of MePi species. Thus, we expect preferential proton loss from
these surface aquo ligands in lieu of invoking a Co(OH) 3 intermediate in solution. We note
however, that other possible bifurcations are not excluded by the experimental rate law.
The foregoing mechanistic details provide insight into the in-situ formation and self-
repair features of Co-OEC. Both of these properties arise from the fact that at > pH 7, the
potentials necessary to sustain catalyst film formation and growth are well below the potentials
required for water oxidation catalysis. Thus, upon application of a potential sufficient to generate
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Figure 5.11. pH dependence of the potential for catalyst film formation (o) and oxygen evolution (A) at iac =30
pA/cm2. Data for film formation were interpolated from Tafel plots in Figure S5. Data for oxygen evolution are
reproduced from reference 37.
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oxygen, ample driving force exists to redeposit any Co in solution that may have leached from
the film in-between catalyst operation cycles. Here, we find that the electrodeposition process
exhibits an inverse third order dependence on proton activity, which is much greater than the
inverse first order dependence observed for water oxidation catalysis mediated by Co-Pi catalyst
films.3 7 This disparity in proton order suggests that, as the pH is lowered, the potential necessary
for catalyst formation will increase much faster than the corresponding rise in potential required
for water oxidation catalysis. This is shown graphically in Figure 5.11, where the potential vs.
pH profiles for water oxidation catalysis3 7 and catalyst formation, both proceeding at the same
activation controlled rate, are overlaid. While a dramatic separation of 0.31 V is observed at pH
8, extrapolation of the catalyst formation profile indicates that the two processes occur at the
same potential at pH 5.2. This cross-over point provides a crude estimate of the pH regime in
which in-situ formation and catalyst self-repair remains operative. Indeed, direct measurement of
the catalyst dissolution over a wide pH range (Figure 5.9) is qualitatively consistent with the
prediction offered by Figure 5.11. Experimentally, no dissolution is detected at pH 6-7 whereas
catalyst corrosion prevails at pH 5 and pH 4. In the catalyst corrosion experiments, completely
catalyst dissolution would only give rise to a solution concentration of 50 g M C02+,
approximately an order of magnitude lower than the 0.4 mM C02+ concentration at which the
data in Figure 5.11 were collected. Noting the first order Co2+ concentration dependence in the
rate law for catalyst growth, the more dilute conditions found in the dissolution experiments
would serve to increase the potential required for electrodeposition by ~60 mV and would cause
the curves in Figure 11 to meet at ~pH 5.7, consistent with the experimentally corrosion data.
This predicted dependence of the pH regime of catalyst stability on Co2+ concentration also
serves to explain the observation in the literature 38 that adding 1 mM Co 2+ to the electrolyte
solution during catalyst operation for oxygen evolution was critical to maintain functional
stability at pH 3.7. These observations indicate that control over the deposition potential thought
appropriate choice of electrolyte, pH and Co2+ concentration is critical for enabling water
oxidation at intermediate pH.
5.4 Conclusion
Using a combination of electrochemical, NMR, and AFM techniques we have
constructed a coherent picture of the nucleation, growth, and repair processes of Co-OEC films.
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The nucleation is progressive giving rise to an array of catalyst islands, whose surface density
can be controlled by modulating the electrodeposition potential and the duration of
electrodeposition relative to the characteristic chronoamperometric peak. These results suggest
that the microstructure of Co-OEC functionalized photoanodes can be controlled systematically
via common electrochemical techniques. The steady-state data for film growth point to a three
proton, one electron PCET equilibrium prior to the rate limiting chemistry of Co attachment to
the film surface. Importantly, these studies highlight that the weak-base electrolyte species plays
conflicting roles by both facilitating rapid multi-proton-coupled ET while simultaneously
inhibiting growth through surface adsorption. Particularly tantalizing, in this regard, is the
prospect of using this surface adsorption to control the growth process and, thus, the molecular
structure of the catalyst. Studies along these lines are underway. Together, the kinetic profiles of
catalyst formation define the pH and electrolyte regimes of catalyst stability and self-repair,
establishing the key requirements for developing improved, highly-manufacturable, catalysts for
water oxidation under benign conditions.
5.5 Experimental Methods
Materials. Co(N0 3)2 99.999% was used as received from Aldrich or Strem. KOH 88%,
KNO3, KH2 PO4 , (add stuff used for BR buffers) were reagent grade and used as received from
Mallinckrodt. Methylphosphonic acid 98% (Aldrich) was recrystallized from boiling acetonitrile
(HPLC grade, Aldrich) prior to use. All electrolyte solutions were prepared with reagent grade
water of >18 Me-cm resistivity (Ricca Chemical or Millipore Type 1).
General Electrochemical Methods. All electrochemical experiments were conducted
using a CH Instruments 760C or 760D potentiostat, a BASi Ag/AgCl reference electrode, and a
high surface Pt-mesh counter electrode. Rotating disk electrode measurements were conducted
using a Pine Instruments MSR rotator. All electrochemical experiments were performed using a
three-electrode electrochemical cell with a porous glass frit separating the working and auxiliary
compartments. Unless otherwise stated, all experiments were performed at ambient temperature
(22 ± 2 'C) and electrode potentials were converted to the NHE scale using E(NHE) =
E(Ag/AgCl) + 0.197 V.
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Solution Preparations. In all cases, electrolyte solutions were prepared by diluting
appropriate amounts of stock solutions of 10 mM Co2+, 2.5 M KNO 3 and 1 M MePi with reagent
grade water. To prevent the precipitation of cobalt ions, the Co2+ stock solution was never added
directly to the concentrated 1 M MePi stock solution. For all Tafel data collections, solutions of
the desired composition were permitted to equilibrate for ca. 1 hr prior to the experiment.
Potential Step Chronoamperometry. Potential step chronoamperometry (CA) traces
were recorded using a 3 mm diameter glassy carbon disk button electrode (CH Instruments)
polished to a mirror shine for 60 sec with 0.05 gm alumina (CH Instruments) and sonicated for
60 sec in reagent grade water prior to each experiment. The electrode was initially polarized at
0.75 V for 100 sec, during which time only double-layer charging occurred. Then, the electrode
was stepped for 100 sec to various potentials sufficient for catalyst nucleation under these
conditions (Figure 4.4). In all cases, data points were sampled every 0.01 sec. Over numerous
independent experiments using the same potential step parameters the values of i,. and t,. were
found to be reproducible to within 5%.
AFM Imaging of Catalyst Nucleation. AFM studies were conducted using highly
oriented pyrolytic graphite (HOPG) electrodes (Grade SPI-2, SPI Supplies) that were prepared
by cleaving a thin layer of HOPG from a bulk slab using double-sided Scotch tape and mounting
onto a glass slide. HOPG electrodes prepared in this fashion were contacted using a toothless
alligator clip and immersed in the solution such that a 0.1-0.15 cm 2 area of the HOPG surface
was exposed to the electrolyte. Catalyst particles were partially nucleated on the HOPG surface
using potential step chronoamperometry with a step potential of 0.97 V. As above, the electrodes
were held at 0.75 V for 100 sec prior to initiation of the potential step. These potential step
conditions gave rise to an average t,, of 10.1(1) s. Thus, for electrolysis times of 0.2, 0.5 and 1
x t,., electrolysis was terminated after ca. 2, 5 and 10 sec respectively. For longer electrolysis
times, the amperometric trace was monitored and electrolysis was manually terminated at the
appropriate time relative to the observed t,, in each run. This procedure served to limit errors
due to slight variations (< 2 sec) in the absolute value of tma between independent experiments.
In all cases, after termination of electrolysis, the electrode was immediately removed from
solution, rinsed in reagent water, and dried in preparation for imaging by AFM.
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AFM images (Figure 5.4) were collected using a Veeco Nanoscope Dimension 4100
(Veeco Instruments Inc., Santa Barbara, CA) operating in tapping mode with a Veeco silicon
nitride probe with a resonance frequency of -200 KHz and average tip radius of 3 nm. All
measurements were performed in air and at room temperature. Percent coverage values were
determined using Nanoscope V5.31 software.
Tafel Data Collection. Activation controlled current-potential data (Figure 5.5b, 5.6a,
5.7a, and 5.8a) were obtained by conducting controlled potential electrolyses for film formation
under the appropriate electrolyte conditions at a wide variety of applied potentials and rotation
rates onto a 5 mm diameter (0.20 cm2) Pt rotating disk electrode. Prior to each Tafel run, the
electrode was polished to a mirror shine with 0.05 tm alumina and sonicated for 60 sec in
reagent grade water. To eliminate the impact of nucleation on the kinetics of steady-state catalyst
growth, a 200 sec galvanostatic pulse at 50 gA/cm2 was applied to the electrode, rotated at 2500
rpm, prior to the initiation of Tafel data collection. This pulse corresponds to 10 mC/cm2 charge
passed for deposition, which is -10 fold higher than the typical charge passed at 8 x t,,, (< 1
mC/cm 2) in the nucleated growth studies, ensuring that the catalyst film completely covers the Pt
surface. Following this initial deposition, the potential of the electrode was swept from low to
high values, in 10 mV increments, across the linear Tafel region. At each potential value, the
current was permitted to reach a steady-state for 50-200 sec while the electrode was rotated at
2500 rpm. Following this period of time, the rotation rate was decremented to 1600, 1111, 825
and 625 rpm. At each rotation rate, the current was permitted to stabilize for 20 sec. Following
each sweep of rotation rates, the potential was incremented and the current was again permitted
to reach a steady-state at a 2500 rpm rotation speed before the sequence was repeated. The pH
was continuously monitored during Tafel data collection with a pH probe (VWR) positioned in
the working compartment, and the pH was held at the designated value within 0.02 units with
periodic addition of 1-2 pL of concentrated KOH as needed. Importantly, KOH was only added
at the beginning of a new potential step rather than during the sweep of rotation rates to
minimize the impact of transient current spikes resulting from base addition from convoluting
the subsequent Kouteckf-Levich analysis. The solution in the working compartment was stirred
gently during Tafel data collection to prevent the formation of large concentration gradients and
allow efficient mixing of any added KOH.
171
Following Tafel data collection, the inverse of the steady state current density values (i')
were plotted versus o-12 to yield Kouteckf-Levich plots for each potential as shown in Figure
5.5a. Kouteckf-Levich plots were found to be linear over the entire potential range and
extrapolation of these plots to infinite rotation rate (- 1/2 = 0) yielded the activation-controlled
current density values, iac, at each potential (Figure 5.5b, 5.6a, 5.7a, and 5.8a). In all cases, ohmic
potential losses due to uncompensated solution resistance were found to be less than 1 mV and
were ignored.
CO2+ Concentration Dependence. The dependence of catalyst formation rate on Co 2+
concentration was assessed by collecting Tafel plots, using the procedure described above, from
solutions containing 0.1, 0.18, 0.32, 0.56 and 1 mM Co2+ (Figure 5.6a). In all cases, the
electrolyte conditions were 0.02 M MePi, 1.97 M KNO 3, pH 7.5. The data were interpolated at
potential values of 1.04, 1.06, 1.08, and 1.1 V, which cut across the linear Tafel region of all
plots, to yield the dependence of iac on Co2+ concentration (Figure 5.6b).
pH Dependence. The dependence of catalyst formation rate on pH was assessed by
collecting Tafel plots, using the procedure described above, at pH 7.00, 7.25, 7.49, 7.73, 7.98 and
8.25 (Figure 5.7a). In all cases, the electrolyte conditions were 0.4 mM Co2+, 0.02 M MePi, 1.97
M KNO3. The data were interpolated at values of log(iac) = -5.5, -5.0, -4.5, and -4.0, which cut
across the linear Tafel region of all plots, to yield the dependence of the required potential on pH
(Figure 5.7b).
Phosphate Concentration Dependence. The dependence of catalyst formation rate on
MePi concentration was assessed by collecting Tafel plots, using the procedure described above,
at [MePi] = 178, 100, 56.2, 31.6, 17.8, 10.0, 5.6, 3.2, 1.8, and 1 mM (Figure 5.8a). All solutions
were held at pH 7.5 and 2 M ionic strength, with KNO 3 background electrolyte, and contained
0.4 mM Co2+. The data were interpolated at values of log(iac) = -5.0, -4.5, and -4.0, which cut
across the linear Tafel region of all plots, to yield the dependence of the required potential on
MePi concentration (Figure 5.8b).
Computation of Equilibrium Constants and C02+ Speciation. Using specific ion
interaction theory (SIT), 39 as implemented in the program Ionic Strength Corrections using
Specific Interaction Theory, Version 2.0,40 relevant equilibrium constants were calculated for
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Co2+ and MePi species in solution under the 2 M ionic strength conditions, KNO 3 background
electrolyte, employed in this study. The reported first and second pKa values of
methylphosphonic acid at 0.1 M ionic strength are 2.10 and 7.51 respectively. 4 1 These values
were corrected using the cation SIT parameter for H*, 0.07, and the anion SIT parameters for
MePO 3H- and MePO32- surrogates, H2P0 4 -, -0.14, and HP0 42 , -0.10, respectively. This
yielded corrected values of pKai = 1.7 and pKa2 = 7.0. The measured formation constant for
Co(MePO 3) is log (K) = 2.24 at 0.1 M ionic strength.42 This value was corrected using the cation
SIT parameter for Co2+, 0.14, and the anion SIT parameter for the MePO32- surrogate, HP042-
-0.10, to yield a value of log (K) = 1.4. Using these values, the speciation of 0.4 mM Co2+ as a
function of MePi concentration was computed at pH 7.5 using ChemEQL, version 3.1,43 to
determine that 50% of the Co is bound at an MePi concentration of 50 mM. The first pKa of
Co(OH2)6 is 8.9 at 0.1 M ionic strength,44 corresponding for a formation constant for Co(OH)*
from OH and Co2+ of log (K) = 5.1. Using the cation SIT parameter for Co2+, 0.14, the anion
SIT parameter for 0H~, 0.09, and the estimated SIT parameter for Co(OH)*, 0.15, a corrected
value of log (K) = 4.8 was obtained, corresponding to a corrected pKa of 9.2.
Catalyst Dissolution Studies. Catalyst dissolution studies employed working electrodes
consisting of fluorine-tin-oxide coated glass (FTO; TEC-7) with 7 Q/sq surface resistivity which
were purchased as pre-cut 1 cm x 2.5 cm glass pieces from Hartford Glass. These FTO-coated
glass pieces were rinsed with acetone and water prior to use in all catalyst dissolution
experiments and a ~0.5 cm wide strip of Scotch tape was affixed to the FTO coated side such
that a 1 cm 2 area was exposed to solution. Catalyst films were then prepared on these electrodes
via controlled-potential electrolysis of 0.1 M phosphate electrolyte, pH 7.0, containing 0.5 mM
Co2+. In all cases, electrodepositions were carried out on quiescent solutions at 1.05 V with
passage of 100 mC/cm2. At this deposition potential, negligible water oxidation catalysis is
observed. Thus, the 100 mC/cm2 charge passed provides an accurate estimate of the Co content
of the film, ~1 [mol Co/cm 2. Following electrodeposition, the catalyst film coated electrode was
rinsed with reagent grade water and place in a 20 mL bath of stirred Britton-Robinson buffer
(0.04 M borate, 0.04 M phosphate and 0.04 acetate) of the appropriate pH and operated at either
1 or 0 mA/cm 2. Small aliquots (0.5mL) of the electrolyte solution were sampled every 15 min for
the 1 hr duration of each experiment.
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Following each experiment, the Co2+ concentration in each aliquot was quantified by
measuring the full-width at half maximum (FWHM) of the 31P NMR signal for phosphate in the
electrolyte. The paramagnetism of the high spin Co2+ ion induces line broadening in the 31p
NMR signal, the magnitude of which is directly proportional to the Co2+ concentration. Thus, the
measured FWHM values for this signal in each aliquot were compared to a standard curve to
determine the concentration of Co2+. Since the breadth of the 31P NMR signal is highly sensitive
to instrumental variables, data for the calibration curves were recorded alongside the
experimental samples in all cases. Additionally, the Co2+-induced line broadening is highly pH
dependent; thus, separate calibration curves were recorded at each pH interrogated. Using the
measured Co2+ concentrations and the volume of solution in the working compartment of the
electrolysis cell the concentration of Co ions leached was determined for each data point. These
values were divided by the ~50 ptM Co2+ concentration expected for complete catalyst
dissolution into the 20 mL electrolyte solution to determine the fraction dissolved, f, at each time
point (Figure 5.9a). The fraction dissolved after 1 hour is shown versus pH in Figure 5.9b.
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